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ULTRASONIC ABSORPTION IN BUTYRIC ACID! 
P. WHITE? AND G. C. BENSON 


ABSTRACT 


Ultrasonic absorption has been measured in pure butyric acid by a pulse technique from 0° 
to 40° C. and values of the relaxation frequency obtained. The activation energy of the re- 
laxation process is shown to be 1.1 kcal./mole. These results are compared with published 
values for acetic and propionic acids and possible relaxation processes are discussed. 


INTRODUCTION 


Ultrasonic absorption measurements have been made in acetic and propionic acids 
over quite a wide range of temperature and at frequencies in the region of the relaxation 
frequency, but very little comparable information is available for other carboxylic acids. 
In the present paper, results are given for the absorption of ultrasound in pure butyric 
acid in a temperature range 0° C. to 40° C. and at frequencies from 1 to 9 Mc./second. 
A relaxation process has been shown to be present in acetic and propionic acids and until 
recently this was attributed to dimerization. Results obtained in acetic acid solutions 
have thrown doubt on this interpretation and it was thought that further experiments 
on carboxylic acids might help in deciding the mechanism of the relaxation process. 


EXPERIMENTAL 


Butyric acid was purified (1) and freshly distilled before use. The freezing points of 
samples used were in the range —5.5° to —5.7° C. measured using a Beckmann ther- 
mometer calibrated against a platinum resistance thermometer. Sound absorption 


measurements were carried out by a pulse technique at 1, 3, 5, 7, 9 Mc./second in an 
apparatus to be described in another publication (2). 


RESULTS 
Fig. 1 shows the measured value of attenuation in db./cm. with varying frequency at 
temperatures 0° C., 25° C., and 38.4° C. The absorption coefficient a was obtained from 
these values by dividing the ordinates of the graph by 8.686 (3). 
For a single molecular process occurring with a relaxation time 7, the variation of 
absorption coefficient a with frequency » is given by 


[1] a = BY+[Av?/{14+(v/rm)?}], 


where A and B are constants and y, = 1/227. Preliminary values of »,, A, and B were 
obtained by substitution of values of a at 1, 3, and 5 Mc./second in equation [1]. Further 
1 Manuscript received April 1, 1958. 
Contribution from the Division of Pure Chemistry, National Research Council, Ottawa, Canada. 


Issued as N.R.C. No. 4798. 
2National Research Council Postdoctorate Fellow 1956-58. 
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TABLE I 
A (sec.? cm.~!) B (sec.? cm.~!) Vm (sec.—) 
a. ee X10}? x< 10" x1i0-° 
0 3850 300 1.13 
25 9398 469 1.46 
38.4 8528 804 1.64 
are 
ho 
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2, 
log ue 
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! l i | ite. 
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Fic. 2. Log(vm/T) plotted against 1/7. 
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It is usual to assume that the relaxation time is given by an expression 
[2] t = (D/T) exp(AE,/RT), 


where D is a constant and AE, the activation energy associated with the relaxation 
process. Fig. 2 shows a graph of log(»,,/T) against 1/T for butyric acid, the activation 
energy being AE, = 1.11 kcal./mole. 


DISCUSSION 


A comparison of the above vy, and AE, values with those already published for acetic 
and propionic acids (5, 6) is made in Table II. The values shown for acetic and propionic 
acids at 0° C. were obtained by extrapolation of log(v,/T) against 1/T graphs. Since 
acetic acid is normally solid at 0° C., the value 0.18 must be regarded as that for the 
supercooled liquid. 











TABLE II 
ta atd” C. tn at 25° C. Vm at 40° C. AE, 
(Mc./s.) (Mc./s.) (Mc./s.) (kcal. /mole) 
Acetic acid [0.18] 0.725 1.48 8.5 
Propionic acid [0.60] 2.36 4.61 7.5 
Butyric acid 1.13 1.46 1.67 et 





Since the values of »,, are similar for the three acids, it is possible that a similar molec- 
ular process is responsible for the relaxation in all these cases. However, the com- 
paratively large variation in AE, values between propionic and butyric acids is then 
difficult to understand. The results indicate that the activation energy for the process 
decreases as the chain length increases. It has been suggested (5, 6, 7, 8, 9) that dimeri- 
zation or polymerization through hydrogen bonds was responsible for relaxation in 
acetic and propionic acids. Piercy and Lamb (10) recently concluded that the higher 
of the two relaxation frequencies (>15 Mc./second) which they obtained in dilute 
acetic acid solutions was caused by relaxation of the monomer-dimer equilibrium. These 
authors suggest that the earlier work on acetic and propionic acids produces relaxation 
frequencies corresponding to perturbation of an equilibrium other than dimerization. 

Although the results presented are interesting per se, it appears that further experi- 
ments must be conducted before the true mechanism of the relaxation process is known. 
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NOTE ON THE RATE OF EVOLUTION OF HYDROGEN 
AT A MAGNESIUM ANODE! 


J. H. GREENBLATT 


ABSTRACT 
Recent work on the mechanism of the anodic dissolution of magnesium is reviewed and 
additional data on the temperature dependence of the rate of hydrogen evolution at mag- 
nesium anodes during electrolysis is given. It is concluded that the results obtained and the 
literature on this subject are explained more logically by a kinetic mechanism involving initial 
solution of a univalent magnesium ion followed by subsequent reaction of this ion with water 
than by postulating self-corrosion with hydrogen evolved at local cathodes. 


The problem of hydrogen evolution at a magnesium anode during electrolysis has re- 
ceived considerable attention recently (refs. 1-10) and it has been inferred from measure- 
ments of apparent valency and the ratio of reaction products that a kinetic mechanism 
postulating solution by a univalent ion followed by reaction of this ion with water 
satisfactorily accounts for the results (refs. 1-6). The basic mechanism put forward is 
the following (3). 


Mg — Met +e {1] 
2Mg* + H.0 — [Mgt H:O Mgt] — Mg** + MgO + H2 [2] 


This mechanism explains in a logical manner the production of hydrogen and the one 
to one ratio between soluble and insoluble magnesium found when magnesium dissolves 
anodically in NaCl solutions (3). If the magnesium anode is being used in solutions 
containing reducible substances, such as perchlorates (1, 2), or if organic liquids that are 
electron acceptors are used as the anolyte (7), reduction products are obtained. The pro- 
duction of these can also be explained by the above mechanism. 

A competing explanation to the kinetic mechanism is the assigning of the production 
of hydrogen and reduction products to local cathode activity as a result of self-corrosion 
on the magnesium anode (8, 9, 10). Although this would logically explain the production 
of these reduction products, it can only explain the one to one ratio of soluble to insoluble 
magnesium as a fortuitous event. 

Recently Tomashov et a/. (10) measured the rates of hydrogen evolution from anodes 
of cast technical (99.7%) magnesium and various other magnesium alloys at room tem- 
perature. They obtained a linear relation between the rate of hydrogen evolution and 
current density. In interpreting their findings, they ascribe the hydrogen evolution to 
self-corrosion and explain the linear relation as follows. Hydrogen is evolved at local 
cathodes that are filmed areas immediately adjacent to the active anode areas as the 
latter move forward during the solution process. This relates the amount of forward 
movement of the cathode surface to the movement of anodes over the surface as a result 
of dissolution of magnesium. Since the active surface is assumed proportional to the 
current density, the linear relationship is observed. Straumanis (8, 9) proposes an 
essentially similar mechanism involving the breakdown of the initial protective film 
with the uncovering of new cathodes. He devises a general equation for the ‘‘difference”’ 
effect, which simplifies to a linear relation between rate of hydrogen evolution and 
current density if the rate of formation of new cathodes is zero, or nearly so, if the over- 
voltage is constant and the polarization linear with current density. 

1Manuscript received March 12, 1958. 
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The kinetic mechanism leads directly to a linear relation between the rate of hydrogen 
evolved and the current. If one assumes a steady state for which Mg?* is being consumed 
as fast as it is produced and since $ mole of hydrogen gas is produced for each Mg* 
consumed, it is seen that 

dH2/dt = I/2F 


is obtained, where J is the current and F the faraday. 

In so far as Phelps (5) found by the rotogenerative technique that the anode areas on a 
corroding magnesium anode do not move over the surface as the current density is 
increased but merely become more intense, Tomashov’s picture could be questioned. 
Also, the self-corrosion theory implies rate control as due to cathode area, which has 
been related to current density. At constant current density, or constant current, since 
Tomashov’s work was done on samples all of the same area, rate control could be affected 
by other influences, such as temperature, which would affect the hydrogen overvoltage. 
Accordingly, rates of hydrogen evolution from anodes of pure (99.92%) magnesium and 
magnesium 1% manganese alloy were determined over the temperature range 0 to 
75° C. to determine the effect of temperature and to determine if the temperature co- 
efficient would give any further information as to the solution mechanism. 

The rates were calculated from plots of gas evolved against time obtained by allowing 
the hydrogen evolved to expand into a partially evacuated volume with the pressure 
changes being continuously recorded. A 5% sodium chloride electrolyte was used and the 
cathode in the simple electrolysis cell was an Ag—AgCl electrode. 
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The electrode area in all cases was 23.8 cm.*, and the current was varied over the 
range of 150 to 2000 ma. corresponding to a current density range of 0.0065 to 0.080 
amp./cm.?, 

The results obtained are shown in Fig. 1. It is seen that at constant current (which is 
also equivalent to constant current density) the effect of temperature is negligible. This 
negligible temperature coefficient would be characteristic of the kinetic mechanism 
which involves essentially a free-radical mechanism, i.e., reaction between Mgt and water. 
A self-corrosion mechanism would be expected to yield a greater temperature difference 
because of variation of hydrogen overvoltage with temperature. 

Thus, it would appear that again the kinetic mechanism explains more easily and 
straightforwardly the experimental results. 

In passing, the rate values found agree well with Tomashov’s. He lists values of 3.7, 
7.3, and 16.8 ml. H2/cm.?/hr. at current densities of 10, 20, and 50 ma./cm.*? compared 
with 3.9, 7.4, and 16.1 ml. H2/cm.?/hr. at current densities of 12, 24, and 47 ma./cm.?. 
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ANIONIC POLYMERIZATION OF a-METHYLSTYRENE 
PART II. KINETICS':? 


D. J. Worsrorp AND S. BYWATER 


ABSTRACT 
_ Dilatometric measurements have been made of the reaction rates in the reversible equilib- 
rium anionic polymerization of a-methylstyrene initiated by sodium naphthalene in tetra- 
hydrofuran solution, at temperatures of —10°, —40°, and —77°. The kinetic results and 
measurements made of the viscosity of the polymer conform with the mechanism of the 


reaction proposed by Szwarc et al., modified by the large degree of reversibility found with this 
monomer at these temperatures. 


The mechanism of the polymerization of certain vinyl hydrocarbons initiated by the 
complexes of sodium with polynuclear aromatic hydrocarbons in solution in some ali- 
phatic ethers has recently been proposed by Szwarc et al. (1). They visualize an initial 
donation of an electron to the monomer followed by rapid dimerization of the radical ion 
formed to give a dicarbanion capable of growth by repeated monomer addition at both 
ends. In suitable solvents these carbanions are stable and no termination occurs and the 
chain ends remain active after the monomer has been consumed. 

This latter property was made use of in demonstrating the reversible nature of the 
propagation step of polymerization (2). All polymers produced under these conditions 
should have a certain concentration of monomer in equilibrium with the active chain 
end (3), but in the case of a-methylstyrene this reaches appreciable amounts, even below 
room temperature, and profoundly changes the behavior of the system. It has been 
proposed that the chains are initiated rapidly and grow comparatively slowly at the 
expense of the monomer until the latter is reduced to its equilibrium concentration when 
the rate of the bimolecular forward reaction equals that of the unimolecular depoly- 
merization. From such a scheme it is easily shown that the approach of the monomer 
concentration to the equilibrium concentration will, as a close approximation, follow a 
kinetic law first order in the initiator concentration and at a rate proportional to the 
excess concentration of the monomer over the equilibrium value. The polymerization 
of this monomer has a half-life time of the order of minutes, as opposed to seconds for 
other monomers, so it has been found convenient to make some kinetic measurements on 
this system to see if they are in accord with the scheme outlined above. 


EXPERIMENTAL 


The purification of the solvent (tetrahydrofuran) and the monomer have been des- 
cribed before (3). The method adopted for measuring the rates was dilatometric using 
an annulus-shaped dilatometer to minimize, as far as possible, the temperature effects 
inherent in reactions of this speed. The dilatometer and adjacent mixing vessel were 
evacuated, and the monomer and solvent condensed into the mixing vessel. The catalyst 
solution was formed from naphthalene solution on a sodium film under vacuum in an 
attached vessel. This solution was introduced into the mixing vessel by breaking a finely 
drawn tip by rotation of a ground joint after temperature equilibrium had been es- 
tablished. The reaction solution was then forced into the dilatometer under purified 


1Manuscript received March 17, 1958. 
Contribution from the Division of Applied Chemistry, National Research Council of Canada, Ottawa, Canada. 
Issued as N.R.C. No. 4800. 
2Part I, see reference 3. 
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nitrogen (3) and the dilatometer closed by a stopcock. The contraction was measured 
with a mercury thread in a calibrated tube. The catalyst concentration was measured 
at the end of the reaction in a Fisher Electrophotometef using the dilatometer as the 
optical cell. The filter used had a transmission maximum at 560 mu. A separate calibra- 
tion established that Beer’s Law was obeved over the concentration range used. 

Two methods were employed in the calibration of optical density against catalyst 
concentration. In the first, a concentrated solution of sodium naphthalene of known 
concentration was added in small portions from a small burette to a solution of a- 
methylstyrene contained in a vessel incorporating the optical cell. A small initial blank 
was found due to trace impurities and subtracted from the subsequent additions; the 
whole operation was performed under vacuum. In the second method, the vessel incor- 
porating the optical cell was attached by means of break seals to a small vessel con- 
taining sodium naphthalene solution, another containing monomer, a longer graduated 
tube containing a solution of the polymer anions, and one further side vessel directly 
joined in which sodium naphthalene solution was made. First the solution of sodium 
naphthalene was rinsed all round the vessel containing the cell. It was then drained 
back into the side vessel and the main body rinsed by condensing the solvent into it and 
allowing it to drain back. When the vessel was clean, the side arm was frozen and sealed 
off and removed. Next, the seal to the catalyst solution was broken and the catalyst 
rinsed into the main vessel and then this side arm was removed. The seal to the monomer 
was then broken and this distilled in. Knowing all the volumes and concentrations in- 
volved, the concentration of polymer anions was known, and the optical density was 
measured. The solution was then diluted by distilling solvent into the solution from the 
graduated side tube, and the optical density found over a range of concentration. 


RESULTS 

As expected, each individual run was pseudo first order up to 3 half-life times, some 
tailing off was observed in some runs after 90% reaction. Some typical first-order plots 
are shown in Fig. 1. The measurements were made at three temperatures, —10°, —40°, 
—77°, using in the first two a glycol-water thermostat (3), in the last a dry ice — acetone 
slush. 

The dependence of the pseudo first-order rate constant on initiator concentration at 
— 40° is shown in Fig. 2, and appears linear with a small intercept on the rate axis. This 
intercept is consistent with a small amount of catalyst destruction in raising the tem- 
perature from —40° to 25°, at which the optical readings were made, the reactive polymer 
chain end being extremely sensitive to trace impurities. On the other hand the effect 
may be real and due to variations in the activity of the ionic chain ends at their relatively 
high ionic concentration in a solvent of such low polarity. 

The rates found at the other two temperatures are shown in Table I. The constant 
k is calculated from the expression 


—d{monomer]/dt = k[initiator]{[monomer]—[monomer],!, 


where [monomer], is the equilibrium concentration. The rate constants at the three 
temperatures do not give a good Arrhenius plot but demonstrate that the apparent acti- 
vation energy, which in this case should correspond to that of the propagation step of 
polymerization, is of the order of 2 to 3 kcal. 

In studies of the sodium naphthalene initiated polymerization of styrene and of buta- 
diene, Szwarc et a/. (4) have established that a linear relationship between the logarithms 
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TABLE I 


PSEUDO FIRST-ORDER RATE CONSTANTS 


Catalyst 





Temp., conen., X104 k, 

a 3 moles liter liter mole™min.~! 
—10 11.8 84.5 
—10 12.2 96.3 
—10 13.9 83.3 
—10 16.8 82.2 
—10 23.6 74.1 
—10 24.8 69.1 
-—77 16.4 20.6 
—77 26.5 16.4 
—77 28.2 i .2 
—77 31.2 2. Z 
—77 50.2 





14.1 





of the ratio [monomer] /}3[catalyst] and the intrinsic viscosity of the resulting polymer is 
achieved. This is due to the fact that the above ratio should be equivalent to the polymer 
chain length on the scheme suggested. The usefulness of this relation for determining 
molecular weights of sharply fractionated polymer samples is largely dependent on the 
sharp Poisson type distribution expected for the molecular weight distribution when 
the depolymerization reaction is not important, which for most monomers is normally 
true. For a-methylstyrene these conditions are more difficult to achieve because of the 
early onset of the depropagation reaction at temperatures above about —50° C. The 
calculated distribution for the equilibrium system diverges considerably from the Poisson 
type, and large divergences have been found for this monomer, at temperatures around 
0° Cc. 

In order to establish the Szwarc relationship, the reaction mixture, about molar in 
monomer and with variable catalyst, was mixed at 25°. This is above the ceiling tem- 
perature for this concentration and so no polymerization should occur. The catalyst 
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concentration was found from the optical density, and then the reaction mixture placed 
in a bath at —80° C. The cooling should be rapid compared with the rate of polymeriza- 
tion, and at this temperature the reaction should be over 99% complete, and the resulting 
polymer should have a very sharp distribution. The reaction was killed after 7 half-life 
times with methanol at which point the influence of the depropagation should be small. 
The results are shown in Fig. 3 and are defined by [n] = 1.16 10-4 mol. wt.°7" by the 
method of least squares. 

The kinetics of polymerization of a-methylstyrene catalyzed by sodium naphthalene 
appear therefore to conform to the scheme of Szwarc et a/. (1) modified by the occurrence 
of a simultaneous depropagation reaction. The suggestion that the polymer chains grow 
by simultaneous addition of monomer to both ends of the chain is confirmed by pre- 
liminary results obtained in these laboratories which suggest that a very similar relation- 
ship is obtained between [n| and molecular weight determined by light scattering and 
osmotic pressure measurements. Hence, the ratio A{monomer]/}[catalyst] does appear 
to correspond to the polymer chain length. 


REFERENCES 
1. Szwarc, M. Nature, 178, 1168 (1956). Szwarc, M., LEvy, M., and MiLkovitcn, R. J. Am. Chem. 
Soc. 78, 2656 (1956). 
. Darnton, F. S. and Ivin, K. J. Nature, 162, 705 (1948). 
. WorsFoLp, D. J. and Bywater, S.J. Polymer Sci. 26, 299 (1957). 
. Wauck, R., REMBAuMm, A., CoomsBEs, J. D., and Szwarc, M. J. Am. Chem. Soc. 79, 2026 (1957). 
Bropy, H., Lapack1, M., Mi_kovitcn, R., and Szwarc, M.S. J. Polymer Sci. 25, 221 (1957). 


em DD 











LYCOPODIUM ALKALOIDS 
VII. THE REACTION OF ANNOTININE WITH PHENYL LITHIUM! 


G. S. PeERrRy,? Davip B. MAcLEAN, AND R. H. F. MANSKE?® 


ABSTRACT 


Annotinine, C;gsH2:03;N, reacted with pheny llithium to yield diphenylannotinine, C23H3;303N, 
containing two hydroxyl functions. Oxidation of diphenylannotinine by the Oppenauer pro- 
cedure yielded a monohydroxyketone, C2s3H3;310;N, while oxidation with chromic acid 
yielded a dihydroxyketone, C:3H3,0,N. A mechanism for the formation of these compounds 
is discussed in relation to the chemistry of annotinine. 


Annotinine, CygH20;N, is known to contain an epoxide function, a lactone ring, and 
a tertiary nitrogen atom (1). The relationship of these groups to one another has been 
demonstrated by Wiesner et a/. (2) and by MacLean and Prime (3). This relationship is 
represented in the partial formula below. 


The structure of annotinine is now known (4, 5) but for the purposes of this paper 
the partial structure above suffices. 

Some years ago we found that annotinine reacted readily with phenyl lithium to form 
diphenylannotinine, C23H3;30;N (1), which was isolated at that time in an amorphous 
state. Diphenylannotinine did not dehydrate readily as would be expected of a diphenyl- 
carbinol nor did it show any reactions characteristic of a compound containing an epoxide 
function. Our formula also differed from that of Meier and Marion (6), who proposed 
the formula C23H3;0,N for the product of reaction of annotinine with phenyl lithium. 
Because of the anomalous behavior of diphenylannotinine and because of the difference 
between our results and those of Meier and Marion, we have investigated the reaction 
more thoroughly. 

We have now obtained diphenylannotinine in crystalline form. This compound has a 
pronounced tendency to solvate, which may explain the formula of Meier and Marion 
and the difficulty in obtaining good analytical results for the base. Drastic oxidation of 
diphenylannotinine yielded traces of benzophenone, which indicated that both phenyl 
residues were attached to the same carbon atom. Oxidation by the Oppenauer procedure 
using potassium tertiary butoxide or aluminum isopropoxide yielded the monohydroxy- 
ketone, C.3H3,0;N (II). Both I and II were oxidized by chromic acid in acetic acid to the 
dihydroxyketone, C23H3,0,N (III), which is apparently identical with the product iso- 

1Manuscript received in original form September 12, 1957, and, as revised, April 24, 1958. 
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lated by Meier and Marion (6). Compounds I, II, and III analyzed for two, one, and 
two active hydrogens respectively. Neither I, II, nor I1I underwent reactions typical of 
a compound containing an epoxide function. Prolonged treatment of I, II, or III with 
boiling concentrated hydrochloric acid or alkali resulted in the recovery of starting 
material. Compound I was unaffected by further treatment with phenyl lithium or with 
lithium aluminum hydride in ether or tetrahydrofuran. It seemed apparent therefore 
that the epoxide function was no longer present in the molecule and in some way it 
must have been destroyed in the reaction with phenyl lithium. 

A plausible explanation of these results is offered in the sequence represented below: 


- Ph Ph 
| | 
ye O Ph—C—O- Ph—C——O 
| O 
F Ai A ae OH 
if we : - 
\C +2PhLi ———> ak. { 
\ / ed “ i Fé ; ff 
\ x HO x HO N 
| | | 
I 


The formation of a new tetrahydrofuran ring results from nucleophilic attack of the 
intermediate tertiary alkoxide ion on the epoxide ring to yield a dihydroxy compound. 
This structure explains the lack of reactivity toward hydrochloric acid both as an addend 
to an epoxide ring and as dehydration agent toward a diphenylcarbinol. The oxidation 
by the Oppenauer procedure to give a single carbonyl group is not without precedent. 
Annotinine hydrate, which has hydroxyl groups in positions 3 and 7, yields only a C; 
ketone (2). The chromic acid oxidation is more unusual, for in this case a fourth oxygen 
is introduced. The fourth oxygen is apparently present as an hydroxyl group and could 
only be introduced at an activated position in the molecule. An indication that the 
carbonyl group provided the activation was afforded by a study of the behavior of 
acetylated diphenylannotinine toward the action of chromic acid. The acetylated com- 
pound was not affected by the oxidant under reaction conditions similar to those which 
oxidized diphenylannotinine. The infrared absorption spectrum of II and III tends to 
support the proposition that III is an a-hydroxyketone. The carbonyl absorption of II 
was at 1706 cm.~! while in III the absorption was at 1722 cm.—!. A shift in this direction 
and of this magnitude is consistent with an a-hydroxyketone structure with the hydroxyl 
group in an axial conformation relative to the carbonyl. Compounds II and III are 
therefore assigned the following structures: 


Ph Ph 


Ph_——— c—_—_9 





OH 
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Position ‘‘8’’ is favored over position ‘‘6” as the site of the new hydroxyl function be- 
cause the hydroxyl is obviously tertiary, and Wiesner et a/. (4) have shown that position 
“6” is a methylene group in annotinine. 

Diphenylannotinine failed to undergo elimination of its diphenylcarbinol grouping 
on treatment with potassium tertiary butoxide and it vielded the same ketone on treat- 
ment with potassium tertiary butoxide or aluminum isopropoxide in the presence of 
cyclohexanone. This contrasts with the behavior of diphenyldesoxodihydroannotinine 
(7). This difference in reactivity in the two series may be the result of the greater rigidity 
of the ring system imposed by the new tetrahydrofuran ring in diphenylannotinine. 


EXPERIMENTAL 
Diphenylannotinine 

A solution of pheny! lithium, prepared from 1.2 g. lithium and 14.5 g. bromobenzene 
in 100 ml. of anhydrous ether, was treated over a period of 15 minutes with 3.0 g. of 
annotinine in 70 ml. of ether-benzene. The initial precipitate of a white solid soon 
disappeared and the mixture was refluxed for 14 hours after the addition of annotinine. 
The mixture was decomposed in ice water, the organic layer separated, and the aqueous 
layer extracted with several portions of fresh ether. The combined extract was dried 
and concentrated. The residue was dissolved in benzene, adsorbed on alumina, and 
eluted with benzene until no more diphenyl, a by-product, was obtained. The column 
was then eluted with two volume per cent methanol in benzene. From this eluate 5.0 g. 
of a pale yellow residue was recovered which crystallized from benzene. The recovered 
crystals possessed a double melting point at 128° and 236° C., neither of which was 
particularly sharp. These crystals were apparently highly solvated, since they lost 21% 
of their weight on drying at 118° C. at 0.5 mm. The dried crystals, which were submitted 
for analysis, melted at 236° C. Calc. for CssH3;03;N: C, 77.93; H, 7.71; N, 3.25; act. 
H (2), 0.46. Found: C, 78.85, 78.83; H, 7.65, 7.69; N, 3.30; act. H, 0.56, 0.58%. 

Recrystallization of the above sample from ether yielded a compound which had a 
single sharp melting point at 236°. Found: C, 77.97, 77.99; H, 7.68, 7.70%. 

The infrared spectrum (nujol) contained a strong band in the hydroxyl region at 3400 
cm.—! but only weak absorption in the aromatic region at 1600 cm.—'. In carbon bisulphide 
there were two absorption bands in the hydroxyl region at 3603 cm.—! and 3460 cm.~!. 
The three typical bands for a monosubstituted benzene were found at 3080 cm.—', 3052 
cm.—!, and 3021 cm.~!. 

The hydrochloride was prepared by the addition of concentrated aqueous hydrochloric 
acid to an acetone solution of the base from which it immediately crystallized. Recrystal- 
lization from acetone—methanol yielded a compound melting at 292—293° C. This com- 
pound was apparently a very stable hydrate and gave satisfactory analytical results only 
after drying over boiling xylene for 1 hour. Calc. for C2sH3;0;N.HCI: C, 71.87; H, 
7.27%. Found: C, 71.84, 71.51; H, 7.40, 7.27%. 

The original base was regenerated from the salt by treating an aqueous suspension of 
the salt with ammonia and extracting with ether. 

The methiodide of diphenylannotinine was prepared by heating under reflux, for 6 
hours, a mixture of diphenylannotinine and methyl iodide in acetone. The crystals which 
separated on cooling were filtered from the mother liquor and recrystallized from ethanol. 
They melted at 257° C. with decomposition. Calc. for Co3H;;0;N1: C, 60.73; H, 6.28%. 
Found: C, 60.77, 60.98; H, 6.17, 6.37%. 

Diphenylannotinine was recovered unchanged after prolonged treatment with boiling 





| 
| 
| 
| 
| 








PERRY ET AL.: LYCOPODIUM ALKALOIDS. VII 1149 


concentrated hydrochloric acid, with phenyl lithium in ether, and with lithium aluminum 
hydride in ether. 


Oxidation of Diphenylannotinine with Chromic Acid 

A solution of 0.7 g. of diphenylannotinine in 3 ml. of glacial acetic acid was mixed with 
a solution of 0.4 g. of chromic acid anhydride in 5 ml. of glacial acetic acid containing 
just enough water to effect solution. There was an immediate separation of a dark brown 
sludge, which soon dissolved, whereupon the mixture was poured into excess ammonia 
in 100 g. of ice and exhaustively extracted with chloroform. The combined chloroform 
extracts were dried, filtered through a pad of alumina, and taken to dryness to yield 
0.38 g. of a viscous yellow oil which crystallized in contact with methanol. After several 
recrystallizations from methanol, the compound consisted of fine needles which melted 
at 242°C. Calc. for CosH3304N: C, 75.15; H, 7.43; N, 3.13: act. H (2), 0.44%. Found: 
C, 75.60, 75.36; H, 7.05, 6.81; N, 3.49; act. H, 0.42, 0.48%. 

The infrared absorption spectrum (nujol) had a band in the carbonyl region at 1722 
cm.—' and in the hydroxyl region at 3300 cm.~'. 

The starting material was recovered after treatment of this compound with boiling 
concentrated hydrochloric acid or alcoholic potassium hydroxide. Acetic anhydride con- 
verted this substance into an acetate from which the original base was recovered upon 
alkaline hydrolysis. 


Oppenauer Oxidation of Diphenylannotinine 

Diphenylannotinine, 1.0 g., was added to a suspension of 0.6 g. of potassium tertiary 
butoxide in an anhydrous mixture of 3.0 g. of cyclohexanone and 35 ml. of toluene. The 
mixture, which became bright yellow, was refluxed for } hour. The mixture was cooled, 
poured on ice, the organic layer separated, and the aqueous layer extracted several times 
with toluene. The combined toluene extracts were extracted with three 25-ml. portions 
of 10% hydrochioric acid. The combined acid extracts were washed once with ether, then 
basified with ammonia, and exhaustively extracted with chloroform. The combined 
chloroform extracts were dried, concentrated, and then adsorbed on a column of alumina. 
Elution with two volume per cent methanol in chloroform yielded, after evaporation of 
the solvent, 0.61 g. of a crystalline product. After recrystallization from methanol it 
melted at 244-245° C. A mixture of this with the oxidation product derived from 
chromic acid treatment was completely liquid at 213° C. Calc. for C23H3,03;N: C, 78.29; 
H, 7.28; N, 3.26; act. H (1), 0.27. Found: C, 77.84, 77.81; H, 7.42, 7.45; N, 3.04, 3.02; 
act. H, 0.23%. 

The infrared absorption spectrum (nujol) had a strong band in the carbonyl region at 
1706 cm.~! and weak hydroxyl absorption at 3300 cm.—!. In carbon bisulphide there 
was a single band in the hydroxyl region at 3595 cm.~!. 

This compound was unaffected after prolonged treatment with boiling aqueous hydro- 
chloric acid. 

Oxidation with aluminum isopropoxide as catalyst and cyclohexanone as the hydro- 
gen acceptor also yielded compound II above. 


Oxidation of CosH3103N with Chromic Acid 

To a solution of 0.8 g. of compound II in 5 ml. of glacial acetic acid there was added a 
solution of 0.7 g. of chromic acid anhydride in 8.0 ml. of glacial acetic acid containing 
just enough water to effect solution. After 5 minutes the reaction mixture was poured 
into excess ammonia in ice and extracted with chloroform. The dried extracts were filtered 
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through a pad of alumina and then concentrated to yield 600 mg. of a viscous oil which 
crystallized in contact with methanol. After several recrystallizations from methanol it 
melted at 241-242° C.; a mixture of this with the starting material was completely liquid 
at 219° C. while a mixed melting point determination with III showed no depression. 
The infrared spectra of III and this product were identical. 


Acetylation of Diphenylannotinine and Its Attempted Oxidation with Chromic Acid 

A solution of 0.5 g. of diphenylannotinine in 10 ml. of acetic anhydride was refluxed 
for 2 hours, cooled, and shaken with ice water to hydrolyze excess acetic anhydride. The 
solution was then made alkaline with sodium hydroxide and exhaustively extracted with 
chloroform. The dried extracts were concentrated, adsorbed on a column of alumina, and 
the column was eluted with chloroform to yield 0.300 g. of a glassy solid which failed to 
crystallize. The compound was very soluble in ether and petroleum ether. Its infrared 
spectrum had no bands in the hydroxy! region but contained strong bands in the acetyl 
region at 1746 cm.—! and at 1240 cm.—?. 

The above compound 0.27 g. was dissolved in glacial acetic acid and treated with 
chromic acid in the manner described previously. After 10 minutes the excess chromic 
acid was destroyed and the solution was worked up in the usual fashion. The recovered 
product, 0.2 g., had an infrared spectrum identical with that of the starting material. 

The product from chromic acid treatment was hydrolyzed with aqueous alcoholic 
alkali to yield diphenylannotinine identified by its infrared spectrum. 


Oxidation of Diphenylannotinine with Potassium Dichromate in Sulphuric Acid 

Diphenylannotinine (1.5 g.) was added to a mixture of 5.0 g. of potassium dichromate 
in 20 ml. of 50% sulphuric acid. The mixture was directly steam-distilled until oily drop- 
lets no longer appeared in the distillate. Water was added continuously throughout the 
distillation to maintain the original concentration. The distillate was ether-extracted, the 
extracts dried, and concentrated to yield 30 mg. of residue. The residue was partitioned 
between ether and aqueous sodium bicarbonate. The ether layer vielded a viscous yellow- 
ish oil which had an infrared spectrum identical with that of benzophenone. The oil was 
treated with a hot solution of 2,4-dinitrophenylhydrazine to yield a yellow solid which 
melted at 231-235° and did not depress the melting point of authentic benzophenone 
2,4-dinitrophenylhydrazone. The infrared spectra of the two hydrazones were identical. 

The bicarbonate phase yielded, after acidification and extraction, benzoic acid identi- 
fied by its melting point and mixed melting point with an authentic sample. 

The acidic solution in the reaction mixture was basified with ammonia and extracted 
with chloroform. From the chloroform extracts there was isolated 20 mg. of a compound 
identical with III. 
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A SPECTROPHOTOMETRIC DETERMINATION OF 
RHODIUM WITH TIN (II) BROMIDE! 


S. S. BERMAN AND R. IRONSIDE 


ABSTRACT 

Rhodium salts react with a solution of tin (Il) bromide in hydrobromic acid to produce 
an intense yellow color suitable for a spectrophotometric determination of rhodium. The 
method described is relatively simple and is the most sensitive for this metal published to 
date. Several factors influencing the intensity and stability of the colored species, whose 
nature is unknown, are described. Since the other platinum metals and base metals interfere 
it is necessary to isolate the rhodium prior to its determination. However, a fair estimation 
of rhodium can be made even when equivalent quantities of iridium are present. The procedure 
may be adapted, with a small loss in sensitivity, to determine rhodium in solutions which 
have been fumed with sulphuric acid. 


INTRODUCTION 

Relatively few spectrophotometric procedures have been proposed for the determination 
of rhodium. Of the four methods that have been developed usefully, the most satisfactory 
from the point of view of stability and tolerance of diverse ions is that employing tin (II) 
chloride as the reagent. This method, first noted in 1913 (1) and recently re-examined 
by several researchers (2, 3), suffers from a lack of sensitivity, an important drawback 
with regard to rhodium, which in all known commercial deposits of the platinum metals 
is present in relatively small proportions. The most sensitive method, employing sodium 


TABLE I 
SENSITIVITY OF SPECTROPHOTOMETRIC METHODS FOR RHODIUM 




















Method Molar extinction coefficient 
Tin (II) chloride (2) 3.9X 108 
2-Mercaptobenzoxazole (5) 4.1X10* 
2-Mercapto-4,5-dimethylthiazole (6) 1.2X10* 
Sodium hypochlorite (4) 1.5X104 
Tin (II) bromide 2.9X10* 
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Fic. 1. Spectral curve of a rhodium solution containing 2.03 p.p.m. rhodium. 
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hypochlorite (4), cannot be applied to solutions of rhodium in sulphuric acid, a medium 
in which rhodium is quite often found. A comparison of the sensitivities of these pro- 
cedures and that described below is shown in Table I. 

Berman and McBryde (7) noted the formation of a yellow color when tin (II) chloride 
in hydrobromic acid was added to solutions containing rhodium. However, this color 
was reported as unstable and attempts to develop a precise determination for rhodium 
were unsuccessful. The writers have succeeded in finding a set of conditions under which 
this color is quite stable, lending itself to a simple and sensitive determination of the 
metal. This was done primarily by the addition of a relatively large quantity of perchloric 
acid to the system prior to the addition of the reagent. The spectral curve produced is 
shown in Fig. 1. The absorption peak is at 427 my and the curve appears to be identical 
with that found by Berman and McBryde. 


EXPERIMENTAL 
Apparatus and Solutions 

Absorption measurements were made with a Beckman Model DU quartz spectro- 
photometer and matched 1.00-cm. Corex-glass cells. Spectral curves and studies of the 
stability of the species under various conditions were made with a Beckman Model DK-1 
recording spectrophotometer. 

A standard rhodium solution was prepared by dissolving very pure sodium chloro- 
rhodate in 0.1 M hydrochloric acid. This solution was standardized gravimetrically with 
thiobarbituric acid (8) and found to contain 2.03 mg. of rhodium per milliliter of solution. 
A 5-ml. aliquot of this solution was diluted to 1000 ml. with 0.1 W hydrochloric acid 
and so contained 10.15 wg. of rhodium per milliliter of solution. 

The reagent was a 20% w/v solution of tin (II) oxide dissolved in concentrated 
hydrobromic acid (about 40% HBr). The hydrobromic acid was redistilled before use 
to remove any impurities. 

All other chemicals used were of analytical reagent grade. 


Development of the Method 

The Reagent 

Preliminary experiments with the tin (II) chloride—hydrobromic acid reagent of 
Berman and McBryde showed that, aside from the colored species being unstable, there 
was formed, at room temperature, a second absorption peak at 470 my which slowly 
disappeared. This was identical with that formed using tin (II) chloride alone as the 
reagent and was presumably due to the high chloride concentration in the reagent. To 
eliminate this reaction a chloride-free reagent was prepared. This was first done by 
dissolving pure tin in concentrated hydrobromic acid and later by the much quicker 
method of dissolving tin (II) oxide in concentrated hydrobromic acid. In both these 
cases it is assumed that the product corresponds to a solution of tin (II) bromide in 
hydrobromic acid. 

The intensity of the colored species was found to increase with the quantity of reagent 
used. However, it was noted that when more than two milliliters of reagent were used 
the reagent blank when measured against distilled water slowly increased in absorbancy. 
This, coupled with the fact that the reagent blank itself begins to absorb very strongly 
below 400 muy, led to the acceptance of 2 ml. as the optimum quantity of reagent. 
Effect of Hydrobromic Acid 
When more than 0.5 ml. of hydrobromic acid was added to the sample the absorbancy 
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increased with the concentration of this acid. However, the time required to achieve 
maximum absorbancy was also increased. This was accompanied.by a decrease in the 
stabilities of the colored species and the reagent blank. Except in the case of fumed 
sulphuric acid samples (which will be described later) no hydrobromic acid, aside from 
that present in the reagent, was added to the system in the final procedure. 


Effect of Perchloric Acid 

The addition of concentrated perchloric acid (70-72%) had the effect of stabilizing 
the system. Maximum absorbancy was attained within 20 minutes when 8 to 10 ml. 
of this acid were added to the system prior to the addition of the reagent. A precipitate 
sometimes formed on the addition of the reagent if the solution did not contain a few 
milliliters of water. This precipitate dissolved rapidly when the solution was diluted to 
volume. The formation and dissolution of the precipitate did not appear to affect the 
absorbancy of the solution. The color was stable for at least 3 hours. 

It was also noted that when perchloric acid was absent the colored species was not 
only unstable but the rate of attainment of maximum absorbancy and the subsequent 
decrease in absorbancy was photosensitive. 


Recommended Procedure 
Transfer the solution containing the rhodium to a 25-ml. volumetric flask and dilute 
to about 5 ml. with water. Add 10 ml. of concentrated perchloric acid followed by 2 ml. 
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Fic, 2. Absorbance of Rh solutions at 427 mu. 
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of the tin (II) bromide reagent. Dilute to volume with water. After 20 minutes measure 
the absorbancy at 427 mu using a reagent blank for comparison. 


Precision Attainable 

The mean absorbancy of five replicate samples each containing 50.8 wg. of rhodium 
in a final volume of 25 ml. was 0.562. The mean deviation of these results was 0.001 
or 0.2%. 


Adherence to Beer's Law 

The colored solutions adhere to Beer’s law for concentrations ranging from 0.8 to 
1.6 p.p.m. However, measurements were made over a range from 0.4 to 4.0 p.p.m. and 
excellent precision was attained in all cases. The deviations from Beer's law are illus- 
trated by Fig. 2. 

The recommended range for this procedure is 0.4 to 4+ p.p.m. when measurements are 
made using l-cm. cells. 


The Determination of Rhodium in Solutions after Fuming with Sulphuric Acid 

Quite often in the analysis of the platinum group metals, sulphuric acid is introduced 
into the system at one stage or another and the resulting solution taken to fumes of the 
acid. Also, in the case of rhodium, sulphuric acid is apt to be present, since it is the only 
single mineral acid capable of attacking this metal quantitatively. For this reason an 
investigation of the applicability of the procedure described above to such solutions was 
carried out. 

Preliminary experiments with unfumed samples containing sulphuric acid showed that 
the presence of this acid decreased the absorbancy of the system. It was found that 
maximum stability accompanied by minimum reaction time occurred when 8 ml. of 
perchloric acid and 1 ml. of reagent were used. Under these conditions a difference of 
1 ml. of concentrated sulphuric acid resulted in about a 1% change in absorbancy. 

Samples were prepared by fuming solutions containing rhodium and 2 ml. of con- 
centrated sulphuric acid. 

When these samples were treated as described above in the recommended procedure 
no color was evident at first. A yellow color slowly formed when the sample was left 
standing but this never became very intense. Attempts to increase the rate of color 
formation by heating the sample were only partially successful. 

It was found that if the fumed solution was diluted to about 5 ml. with water, 0.5 ml. 
of concentrated hydrobromic acid added, and the solution boiled vigorously for 5 minutes, 
the color developed within 8 minutes of the addition of the reagent and the absorbancy 
was identical with that of a similar solution that contained 2 ml. of sulphuric acid but 
which had not been fumed. 

The following procedure was found to be quite satisfactory for samples containing 
between 1 and 2 milliliters of concentrated sulphuric acid. Cool the rhodium solution 
after fuming and add 5 ml. of water and 0.5 ml. of concentrated hydrobromic acid. Boil 
this solution vigorously for at least 5 minutes then allow it to cool. Add 8 ml. of con- 
centrated perchloric acid followed by 1 ml. of the reagent. Transfer to a 25-ml. volu- 
metric flask and dilute to volume. After 8 minutes measure the absorbancy at 427 mu 
against a reagent blank containing the same quantity of sulphuric acid as the sample. 

Five replicate samples, each containing 50.8 wg. of rhodium which had been fumed 
with 2 ml. of concentrated sulphuric acid, gave a mean absorbancy of 0.503. The mean 
deviation of these results was 0.001 or 0.2%. 
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Effect of Diverse Ions 

The other platinum metals and base metals usually associated with the platinum 
metals interfere. Surprisingly, of the platinum metals iridium produced the least inter- 
ference. A solution containing 46.4 ug. of iridium, when treated as described above, 
produced a colorless solution which showed no absorption peaks in the visible region. 
The presence of 9.3 and 46.4 ug. of iridium in solutions containing 50.8 wg. of rhodium 
reduced the absorbancies by about 2 and 6% respectively. It is apparent that a fair 
estimation of rhodium can be made even when equivalent quantities of iridium are 
present. 

The exact intensities of the interferences of the other metals were not ascertained, as 
in all probability, in practice, they will depend on the history of the sample in question. 
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THE EXTENT OF THE ABNORMAL RECOMBINATION OF CYANISOPROPYL 
FREE RADICALS FROM 2,2’-AZO-BIS-ISOBUTYRONITRILE! 


M. TALAt-ERBEN AND A. N. ISFENDIYAROGLU 


ABSTRACT 


The extent of the abnormal recombination of cyanisopropyl radicals to yield the 
ketenimine intermediate has been investigated at 80° C. in toluene. It is found that 54.4% of 
the radicals recombine this way. This value is 759% higher than that reported previously. This 
result makes it possible to estimate a better value for the molar extinction of intermediate, 
and suggests the possibility that in the decomposition of the latter both free-radical and 
molecular processes are co-operative. 


INTRODUCTION 

Talat-Erben and Bywater (3) have shown that a ketenimine intermediate is formed 
in the thermal decomposition of 2,2’-azo-bis-isobutyronitrile, and estimated the extent 
of the corresponding radical recombination to be approximately 30% of the total. This 
result was used to estimate the molar extinction coefficient of intermediate at maximum 
absorption at 287 mu. Moreover, they used the same result to calculate the branching 
ratios of the two recombinations, and came to the conclusion that a decomposition step 
of intermediate into free radicals would be experimentally undistinguishable from a 
molecular process, since both assumptions give for kifmax values which are too close to 
be discernible. However, the above statements cannot be considered as conclusive, since 
the distribution ratio of the original hydrolytic product of ketenimine in toluene and 
1 N HCl was unknown, so that there is no proof that the extraction of the product was 
complete. Therefore, it would be of interest to undertake a redetermination of the 
branching ratio under more precisely controlled experimental conditions. 


EXPERIMENTAL 


The azo-compound* (Westville Laboratories, Monroe, Connecticut) was recrystallized 
from benzene; m.p. 103° C. dec. The thermal decomposition was carried out at 80° in 
toluene (C.P.), in a thermostat controlled to about 0.2°, under a stream of purified 
nitrogen, with continual shaking. Azo-compound (1.6 to 1.9 g.) was decomposed in 50 
cc. of toluene. After a definite time the solution was cooled quickly to stop the reaction, 
and transferred quantitatively into a separatory funnel. Fifty cubic centimeters of 1 V 
HCl were added, and the two phases were stirred rigorously for at least 20 minutes, 
then the emulsion-like mixture was left until the phases disengaged completely. The 
acid layer which contained the nitrile (II) was collected in a filter flask. The extraction 
was repeated at least three times with fresh portions of HCI. During extraction the 
ketenimine (1) hydrolyzes to the corresponding substituted amide (II), and passes into 
the aqueous phase. This hydrolytic step is a fast reaction owing to the unstable character 
of ketenimine group, as shown by Stevens and French (2). 


(CHs)2C—=C—=N—(CHs;)2CN (CH3)2CH.CO.NH.C(CH3)2CN 
(1) (II) 
(CH3)2CH.CO.NH.C(CHs)2.CO.NH2 (CH;)2CH.CO.NH.C(CHs)2.CO.OH 
(111) (IV) 


1Manuscript received April 29, 1958. ; 
Contribution from the Faculty of Mining Engineering, Technical University of Istanbul, Istanbul, Turkey. 
*Kindly supplied by Dr. S. Bywater of the National Research Council. 
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The distribution ratio of (I1) in toluene and 0.95 V HCl was found to be 1.17 X107. 
Therefore, after three extractions the amount left in toluene must be completely neg- 
ligible; this was proved to be the case by additional extractions. The HCl extract was 
evaporated at 48° under reduced pressure, until all HCl was removed. The residue from 
evaporation, which consisted of an equimolecular mixture of (IV) and ammonium 
chloride, was dissolved in about 50 cc. of distilled water, and titrated against 0.1 V 
NaOH, potentiometrically. The fact that the end point in the neutralization was un- 
affected by the presence of ammonium chloride buffer has been established by titration 
of an authentic sample consisting of an equimolecular mixture of (IV) and NH,Cl. This 
made it possible to cancel a separation step which would cause material losses. The 
authentic sample of (IV) had been prepared in a previous work (3) and had a melting 
point of 150° C. The neutralization point was taken as the inflection point of the clear 
S-shaped curve of the titration diagram. To check that under these conditions the 
hydrolysis of (II) to (IV) was complete, and that no detectable amount of (III) was ever 
formed, a definite amount of an authentic sample of (II) was subjected to the same 
conditions; the amount (in moles) of the acid formed was equal to that of the original 
nitrile with a great accuracy. The sample used in this experiment as well as in the de- 
termination of the distribution ratio was prepared in a previous work (4), and had a 
melting point of 105° C. 


RESULTS AND DISCUSSION 

Experiments were performed with reaction times of 25, 68, 104, 130, 180, and 240 
minutes, at least two runs for each reaction time. The amount of (IV) expressed as the 
molar fraction of the initial amount of the azo compound changed with the reaction 
time in a manner very similar to that of the change of optical density with time as given 
in reference (3). The results are shown in Fig. 1. The maximum occurs at a point corre- 
sponding to a yield of 20.0%. This must be 1/eth of the actual fraction of cyanisopropyl 
radicals that combine to form the ketenimine intermediate; this branching is thus 
found to be 54.4%. This result is about 75% higher than that reported in reference (3). 
Accordingly, the conclusion (1) that free radicals are not involved in the formation of the 
intermediate or in its decomposition cannot be maintained. 














20} —— 
15 + 
10 + 
5+ 
l 1 ny l 
0 50 100 450 200 = minutes 


Fic. 1. Actual amounts of hydrolytic product of the intermediate as a fraction of the initial amount 
of azo compound versus reaction time. The curve has been calculated by using the reactionJscheme of 
reference (3), assuming kg = k; and k3/(k2. + k3) = 0.544. 
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By comparison of the actual amount of intermediate extracted in the form of one of 
its hydrolytic products in this work with the optical density data of Table I of reference 
(3), it is possible to predict a better value for the molar extinction of (I), namely 46 
at 320 mu. This would correspond to a molar extinction of about 150 at maximum 
absorption at 287 my, assuming that the shape of the absorption curve given by the 
oily fraction (3) is characteristic of the intermediate. On the other hand, in the assumption 
that the latter decomposes to regenerate free radicals rather than by a molecular process, 
Ritmax WOuld now have to be 1.5; this value would be experimentally distinguishable 
from the value 1.0 corresponding to the molecular decomposition. The observed value, 
which is in the range 1.0 to 1.2, suggests that at most both mechanisms are co-operative, 
with the molecular process predominating. 
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A MASS SPECTROMETRIC STUDY OF NORMAL OXYGEN AND 
OXYGEN SUBJECTED TO ELECTRICAL DISCHARGE!’ 


J. T. HERRON® AND H. I. SCHIFF 


ABSTRACT 


A mass spectrometric study was made of oxygen activated by microwave and by a-c. glow 
discharge. Appearance potential curves for normal oxygen at masses 16 and 32 indicated the 
occurrence of multiple electron impact processes. The change in the c urves when the oxygen 
was activated could be interpreted by assuming the presence of O-atoms in the *P ground state, 
and O: molecules in the 'A, excited state. No evidence was obtained for the presence of ozone 
up to pressures of 2 mm. Hg. The recombination coefficient of O-atoms on pyrex was found 
to be 1.1X10~*. Only one oxygen atom in 21 was ionized before recombining in the mass 
spectrometer ion source. The rate constant for the reaction of O-atoms with NO is less than 
1X10-§ cm.’ mole sec.~'!, and several orders of magnitude less than this for the reaction 
O@P) + N.O — 2NO. The reaction of O-atoms with NO. was much faster than with NO, 
but no evidence was found for the formation of NOs. 


INTRODUCTION 


When oxygen is subjected to electrical discharge at about 1 mm. Hg pressure, its 
chemical activity is greatly enhanced. The literature on the nature of the active species 
has recently been reviewed by Linnett and Marsden (1). They conclude that most of 
the oxygen is present as normal molecules and atoms. However, it may be inferred 
from a recent study of the thermal decomposition of ozone (2) that this compound might 
also be present in appreciable quantities under these conditions. The presence of ozone 
has also been postulated by Barth and Kaplan (3) to explain their observation of the 
Herzberg oxygen bands in discharges containing small quantities of nitrogen, and by 
Ford and Endow (4) to explain the mechanism of the NO, photolysis. Moreover there 
seem to be no compelling reasons for excluding the presence of electronically or 
vibrationally excited oxygen molecules. 

This paper reports a mass spectrometric study of activated oxygen and some pre- 
liminary measurements of its reaction with the oxides of nitrogen. New species were 
identified by their mass-to-charge ratios and by their appearance potentials. To determine 
the appearance potentials of new species at masses 16 and 32, it was necessary to compare 
ionization-efficiency curves for normal and activated oxygen. The curves obtained for 
normal oxygen appeared to have features not previously reported. These curves are 
therefore also discussed. 


EXPERIMENTAL 

Apparatus 

The mass spectrometer and the method used to measure appearance potentials have 
been described previously (5). Oxygen was found to reduce seriously the lifetime of the 
tungsten filament used as a source of electrons in the mass spectrometer. Carbon filaments 
were found to last longer and to give smaller CO+ and CO,* ion currents in the presence 
of oxygen. (For a discussion of the use of carbon filaments in mass spectrometers see 
ref. 6.) The only difficulty encountered with these filaments was some instability in 

1Manuscript received March 24, 1958. 

Contribution from the Department of Chemistry, McGill University, Montreal, Quebec. 
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electron emission caused by poor contact between the carbon and the lead wires. This 
difficulty was finally overcome by evaporation of gold onto the ends of the filament, 
which were then held by a pair of miniature screw clamps. The maximum emission from 
these filaments was limited by evaporation of the carbon. However, the ionizing current 
could be increased to values comparable to those obtained with tungsten filaments of 
similar dimensions by the use of a reflector shield. 

Two types of electrical discharges were used, a 60-cycle glow discharge and a micro- 
wave electrodeless discharge. The glow discharge was produced in a U-shaped pyrex 
tube 20 mm. in diameter and 80 cm. long. The electrodes were made of 1S grade aluminum 
rated to have a purity of 99.5%; aluminum of lower purity was found to undergo rapid 
attack in an oxygen discharge. To increase the electrode life further the entire discharge 
tube was immersed in a water bath. The activated oxygen was withdrawn from the center 
of the discharge and travelled a distance of 30 cm. to the sampling leak of the mass 
spectrometer. 

The electrodeless discharge was excited in a quartz tube, 13 mm. in outside diameter, 
which passed through a slot in a resonance cavity box. Power was supplied by a ‘‘Ray- 
theon”’ diathermy unit operating at 2450 Mc./sec. The activated gas was pumped from 
the discharge over the mass spectrometer leak through 13-mm. pyrex tubing, the length 
of which was varied between 10 and 50 cm. 


Procedure 

Oxygen was flowed continuously through the discharge and over the sampling leak of 
the mass spectrometer. ‘“‘Bone-dry’’ tank oxygen of 99.90°% purity was used without 
further purification, since several experiments performed with fractionally distilled oxygen 
and with oxygen produced by pyrolysis of potassium permanganate gave identical 
results. The oxygen pressure was varied from 0.1 to 2 mm. Hg. The mass flow rate at 
1 mm. Hg pressure was 25 uM./sec.; the corresponding linear flow rate was 490 cm./sec. 
Provision was also made for adding water vapor to the oxygen stream. 

Other gas inlets were located between the discharge and the sampling leak for in- 
troduction of calibrating gases for appearance potential studies and for the nitrogen 
oxides. The oxides of nitrogen were purified by the method of Nightingale ef a/. (7) and 
the mass spectrometer conditioned for NO, analysis by the method suggested by Friedel 
et al. (8). 

The presence of mercury vapor was avoided, since it produced a deposit of mercuric 
oxide on the walls which deactivated the oxygen. A mirror of mercury was deposited on 
the walls of a trap located above the rotary pump to prevent attack of activated oxygen 
on the pump oil. 

RESULTS AND DISCUSSIONS 
Normal Oxygen 

The O,* ionization efficiency curve for normal oxygen was determined in the presence 
of argon as the calibrating gas. The partial pressure of argon was adjusted to make the 
ion currents at mass numbers 40 and 32 equal when the electron energy was 60 ev. 
The O,* curve had a smaller slope and a longer ‘tail’ portion than the At curve, which 
suggested that it resulted from several ionizing processes, such as the production of 


O.+ with vibrational excitation. The present instrument was incapable of resolving 
energies comparable to the spacing between vibrational levels. 

Fig. 1 shows a typical set of experimental points through which several straight lines 
have been drawn. The A+ curve has been adjusted to make the ‘linear’ portion parallel 
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Fic. 1. lonization efficiency curve for O2* from normal oxygen. 


to the lowest straight line of the O.+ curve. The average value of the ionization potential 
of O, obtained by extrapolation of seven such curves was 12.23+0.07 ev. A value of 
12.10 ev. was obtained from a single attempt to use the extrapolated voltage difference 
method (9) with the adjusted A+ curve. This method was not felt to be reliable for 
extrapolation of composite curves since the values obtained are very sensitive to the 
adjustment applied to the calibrating gas curve. However Warren (9) has used this 
method to obtain a value of 12.20+0.03 ev. for the ionization potential of O., but gave 
no details of the measurements. Hagstrum (10) obtained a value of 12.2+0.2 ev. using 
electron impact, and Watanabe reports a value of 12.075+0.010 ev. from photoionization 
measurements (11). 

The intersections of the straight lines drawn through the O,* curves gave appearance 
potentials of 15.7+0.5 and 18.0+0.5 ev. Herzberg (12) lists the electronic excitation 
energy of the 4x, and 42> states of the O.* ion as 3.95 ev. and 6.00 ev. respectively, 
although he indicates some uncertainty in these values. The appearance potential of 
these excited molecular ions formed by electron impact from ground state *Z> Oz 
molecules can then be calculated to be 16.1 and 18.2 ev. The observed appearance 
potentials agree with these figures within the combined uncertainty of the spectroscopic 
and electron impact values. 


The ionization efficiency curves obtained at mass 16 for normal oxygen indicated that 
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O+ is formed by several processes. Three “‘linear’’ portions could be drawn through the 
lower part of the curves and appearance potentials obtained from their intersections. 
Since the assignment of these “‘linear’’ portions is somewhat arbitrary, averages were 
taken of a large number of independent measurements. These average values and the 
processes which can be associated with them are shown in Table I and can be seen to be 
in substantial agreement with those reported by Hagstrum (13) and Thorburn (14). A 
portion of a typical curve is plotted as filled circles in Fig. 4. 


TABLE I 
POSSIBLE ELECTRON IMPACT PROCESSES IN NORMAL AND ACTIVATED OXYGEN 








Observed appearance potential 





Normal oxygen ; 
ye Activated 








Process Hagstrum Thorburn’ This work oxygen Calc. 
O(?P) + e — O*(4S°) + Ze 13.9+0.2 13.61 
CCA) Fe OCS) - O Cr”) +e 15.7+0.4 16.29 
O?@P) + e — Ot(?D) + Ze 16.86 
0.(3Z5) + e + O*(4S°) + O-(?P°) +e 17.240.2 16.940.2 17.140.2 17.240.2 = 17.27 
O.(1A,) + e > O*(4S°) + OP) + 2e 18.040.4 17.74 
OP) +e — Ot(?P) + 2e 18.54 
0(35;) + e — O*(4S°) + OP) + Ze 19.2+0.2 18.940.2 18.940.2 18.8+0.2 18.72 
0.(355) + e > O*(2D°) + O-(2?P°) + e- 20.4+0.2 20.540.2 20.340.2 20.2+0.2 20.5 





Activated Oxygen 

The mass spectra of normal and activated oxygen were compared over the pressure 
range 0.1 to 2.0 mm. Hg. Table II shows the ion currents observed at masses 16, 32, 
and 48 at various pressures and using both types of discharge. Small ion currents were 
also observed at masses 28 and 44, which were probably due to reaction of oxygen with 
the filament or with carbon-containing impurities in the ion source. The change in the 
ratio of ion intensities at mass 16 to those at mass 32, from about 0.08 to 0.03, was 


TABLE II 
MASS SPECTRA OF NORMAL AND ACTIVATED OXYGEN 








Ionintensity Ionintensity Ion intensity 





mass 16 mass 32 mass 48 Ratio of ion % Change 

Pressure, arbitrary arbitrary arbitrary intensities in ratio 
mm. Hg Discharge units units units 16/32 16/32 

0.15 Off 297 3600 0.40 8.25107? 

0.15 A-c. glow 293 3460 0.48 2.4 

0.30 Off 756 9240 1.00 8.20107 

0.30 A-c. glow 780 8770 1.00 8.7 

0.90 Off 1476 16880 2.40 8.74107 

0.90 A-c. glow 1554 10380 2.40 8.5 

0.34 Off 72.8 2322 0.20 3.14X10 

0.34 Microwave 92.4 2465 0.20 19 

0.50 Off 109 3468 0.50 3.14107 

0.50 Microwave 138 3648 0.50 19 

0.90 Off 156 4920 0.98 3.12107 

0.90 Microwave 194 5220 0.98 17 

1.80 Off — — 2.90 ed 

1.80 Microwave 2.90 
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observed when the tungsten filament was replaced by a carbon filament as a source of 
electrons in the mass spectrometer. This change may be due to -the greater extent of 
pyrolysis of O2 to O-atoms on the tungsten filament. This interpretation is supported by 
the longer ‘tail’ portion of the O+ appearance potential curve obtained with the tungsten 
filament. The last column of the table shows the percentage change in the ratio of ion 
currents at masses 16 and 32 when the oxygen was activated. Appearance potentials were 
determined at these mass numbers to identify the new species present in the activated 
gas. 


Ozone 

(a) Normal Oxygen 

The ion current at mass 48 in the mass spectrum of normal oxygen might be due to 
ion—molecule reactions occurring in the mass spectrometer ion source. This would agree 
with the observed second-order dependence of the O;+ ion current on pressure (cf. Table 


II). The possible ion—molecule reactions are listed in Table III along with the calculated 
heats of reaction. 


TABLE III 
POSSIBLE REACTIONS FOR THE FORMATION OF QO;* IN NORMAL OXYGEN 











AH, 
Process kcal. /mole 
O2*( X*x,) + O2 —- O;* + Oo 107.1 
O.*(a‘m.) + O2 — O;* + O 16.0 
O2*( A2x,) + Oz — O;* + oO —4.0 
O.*(b425) + O2: — O;* + O —31.8 
O2*(X*r,) + O — O;* —10.1 
of + 0; — Q,;* —42.6 





The reaction O.+ + O2 — O;* + O is exothermic only if the O2* ion is in the second 
or third excited state. Since Franklin has found* that only exothermic ion—molecule 
reactions are observable, this does not appear to be a likely source of O;+ ions. The 
analogous reaction H.+ + H, — H;*+ + H is approximately thermally neutral and has 
been used to explain the H; ions observed in the mass spectrum of hydrogen (15). 

The last two reactions shown in Table III are energetically possible, but probably 
require third-body stabilization. No other example of such a simple ion—molecule addition 
reaction has been reported. 

There remains the possibility of O; being formed directly on the mass spectrometer 
filament, although the mechanism for such a reaction is not apparent. This problem can 
only be solved by measuring the appearance potential of the O;+ ion. Attempts are 
currently being made to improve the sensitivity of the instrument to permit such measure- 
ments. 

(b) Activated Oxygen 

No increase in the ion current at mass 48 was observed when the oxygen was activated. 
A previous mass spectrometric study of pure ozone (16) showed that the ion current at 
mass 48 from pure ozone is at least 0.13 times as large as the ion current at mass 32 from 
pure oxygen at the same pressure. From the detection limit of the mass spectrometer 
it can be concluded that ozone is not present in activated oxygen in concentrations 
greater than 0.02% up to pressures of 2 mm. Hg. 


*Private communication. 
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In a recent study of the pyrolysis of ozone at several hundred millimeters Hg pressure, 
Benson and Axworthy (2) obtained rate constants for the reactions: 


ky 
M+0;2M+0.:+0 


° 


O +0; — 20.. 


These rate constants can be used to calculate the steady-state concentration of ozone, 
which would be expected for the experimental conditions used in the present study. 
The time required to reach a steady-state condition can also be shown to be the same 
order as the time required for the activated gas to pass from the discharge to the mass 
spectrometer leak. At 300° K. and 1 mm. Hg pressure the calculated steady-state con- 
centration of ozone is 0.29°%, which is at least an order of magnitude above the detection 
limit of the mass spectrometer. However, Benson and Axworthy’s value for k2, when 
the third body is Oz, is only an estimate, and might be responsible for part of the dis- 
crepancy. 

This discrepancy cannot be explained by heterogeneous destruction of ozone on the 
walls of the tubing connecting the discharge and the mass spectrometer. Harteck and 
Dondes (17) have shown that ozone decomposition does not occur directly on glass 
but only indirectly by the recombination of the O-atoms in equilibrium with the ozone. 
The low recombination coefficient of O-atoms observed in this work precludes this as 
an important mechanism for ozone disappearance. 

The presence of effective catalysts for ozone decomposition such as Hg or H:O vapors 
was also carefully avoided. However, McGrath and Norrish (18) have postulated a 
rapid reaction between vibrationally excited O, and QO; in the flash photolysis of ozone. 
Any ozone formed in the present study might have been rapidly destroyed by the 
excited Oz» (see below) found to be present in activated oxygen. 

Since k; has an activation energy of 6.0 kcal./mole it might be argued that the steady- 
state ozone concentration might be lower than the calculated value, since the gas issuing 
from the discharge is considerably above room temperature. However, no ozone was de- 
tected when the activated gas was flowed through a 50-cm. length of tubing. The gas 
should then have been at 300° K. for a sufficient time to reach the steady-state con- 
centration corresponding to this temperature. 

There remains the possibility that the ozone was destroyed in the ion source. Although 
the sensitivity of the mass spectrometer in detecting ozone was determined using pure 
ozone, it is possible that at low ozone concentrations decomposition might occur more 
rapidly on the hot walls of the ion source. A single experiment performed with an ion 
source designed to prevent collisions of molecules with the metal walls did show a small 
increase in ion intensity at mass 48 when the oxygen was activated. However, since the 
mass spectrometric sensitivity for ozone with this source has not yet been determined, no 
estimate could be made of the ozone concentration. Further studies with this source are 
now in progress. 


Excited Oxygen Molecules 

Fig. 2 shows a typical set of curves obtained when the ion intensities at masses 40 and 
32 were plotted against the electron energy. The apparent electron-energy scale was 
shifted to make the linear portion of the argon curve extrapolate to the spectroscopic 
ionization potential of argon. The argon curves obtained when the discharge was excited 
coincided with those obtained in the absence of the discharge. The curves at mass 32 did 
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not coincide, which suggested the presence of new species. When the difference AO.*, 
between the two curves, was plotted as a function of electron energy, the curve shown in 
Fig. 3 was obtained. The slope of the argon curve was adjusted to make it parallel to the 
AO.* curve. The average of four determinations, one using xenon as the calibrating gas, 
indicated that the new species had an ionization potential 1.00+0.03 ev. lower than 
normal oxygen. 

Herzberg reports the excitation energy of the 'A, state of oxygen to be 0.98 ev. (19). 
The new species may therefore be oxygen in this electronically excited state. It is unlikely 
that it could be oxygen in the ground state with only this amount of vibrational energy, 
although McGrath and Norrish (18) have proposed a long lifetime for vibrationally 
excited oxygen. 

The concentration of excited molecules can be estimated at about 10% from a com- 
parison of the initial slopes of the AO.*+ curves and the O2* curves for normal oxygen. 
The estimate is based on the assumption that the ionization cross sections for excited 
and normal oxygen are identical and that their ionization probabilities increase with 
excess electron energy in the same way. 

Foner and Hudson (20) also obtained evidence for an excited molecular species in 
activated oxygen. They analyzed their ionization-effiiciency curves by a mathematical 
procedure and obtained a value of 0.93+0.10 ev. for the excitation energy. They 
suggested that the excited molecules were in the 'A, state and estimated their concen- 


tration to be between 10 and 20%. 
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Several authors (21, 22, 23) have suggested the formation of excited molecules by 
O-atom recombination. However, it is unlikely that the excited molecules detected in this 
work were formed in this way. Measurements of the rate of atom recombination (see 
below) indicated that only a negligible proportion of the atoms would recombine during 
the time required for the activated gas to pass from the discharge to the mass spectro- 
meter leak. Since the atom concentrations were of the order of 10%, appreciable quantities 
of excited molecules could not be formed by this mechanism. It is much more likely that 
they are excited by the discharge. 


‘Oxygen Atoms 

Fig. 4 shows a typical ionization efficiency curve for Ot ions formed by electron impact 
with oxygen activated by the microwave discharge. Similar curves were obtained when 
the a-c. glow discharge was used to excite the gas. The inset in the figure shows a mag- 
nified view of the lower portion of the curve. The first appearance potential was obtained 
by linear extrapolation of this portion of the curve. The energy scale was corrected 
using krypton as the calibrating gas. The average value obtained for the appearance 
potential was 13.90+0.05 ev. However, in view of the ambiguities involved in the 
“‘linear’’ extrapolation method, the value is probably not accurate to better than +0.2 ev. 

The ionization potential of ground state *P. oxygen atoms is 13.615 ev. (24). Since 
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Fic. 3. Ionization efficiency curves at mass 32 for new species and at mass 40 for argon. 

Fic. 4. Ionization efficiency curves for O* ions. Filled circles correspond to normal gas, open circles|jto 
activated gas. Inset shows lower portion of activated gas curve and curve for Kr+ from krypton. Note: 
The numbers along the ordinate in the insert should read .2, .4, .6, .8, and 1.0. 
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appearance potentials obtained by linear extrapolation tend to be somewhat higher 
than the corresponding spectroscopic values, the agreement between these values can be 
considered as satisfactory evidence for the existence of ground-state atoms in activated 
oxygen. 

Since no appearance potentials were ever observed below the ionization potential of 
’P> atoms, it can be concluded that metastable atoms cannot be present in appreciable 
quantities. 

Linear portions could also be ascribed to the O+ ionization efficiency curves for activated 
oxygen. Although it was not always possible to locate all the breaks in the curve for a 
single experiment, average values for five higher appearance potentials could be obtained 
from a large number of experiments. These values are given in Table I. The appearance 
potentials at 15.7 and 18.0 ev. agree, within the estimated experimental uncertainty, 
with the values calculated for electron impact on 'A, molecules in activated oxygen. The 
calculated values for ionization of *P O-atoms to excited O* states are somewhat outside 
the experimental uncertainty of the observed appearance potentials. These processes 
undoubtedly occur and add to the difficulty in identifying the breaks in the ionization 
efficiency curves. 


Concentration of Oxygen Atoms 

The O-atom concentration was determined by “‘titration’’ with NO» as originally 
suggested by Spealman and Rodebush (25). NO» was introduced into the activated 
oxygen stream through a mixing jet. The amount of NO» remaining after a reaction 
time of 0.5 seconds was determined as a function of initial NO» concentration, as shown 
in Fig. 5. For low NO: concentrations most of the NO, is consumed. 
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This indicates that the reaction: 
NO, +O—-NO +0, [1] 
is very much faster than reaction: 
NO +0+M-—NO:+M [2] 


at these pressures. 
Above a partial NO: pressure of 60 yu all the O-atoms are consumed by reaction [1]. 
This agrees with the observation that the chemiluminescence associated with reaction 
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[4] disappears above this pressure. The amount of NOs consumed at the ‘‘plateau”’ was 
therefore taken as a measure of the O-atom concentration. 

The atom concentrations produced by both types of discharges varied from 4 to 12 
mole %. The presence of water vapor in the oxygen stream greatly enhanced the atom 
concentration. For example, in one experiment, the atom concentration increased im- 
mediately from 4.8 to 8.6% upon addition of 0.6% water vapor. The rapidity of the 
change suggests that water vapor increases the discharge efficiency and does not simply 
act as a “‘poison’’ against wall-catalyzed recombination. 

The O-atom concentration could not be estimated from the relative change in the OF 
and O,* ion intensities caused by activation of the gas. Under certain conditions the O2* 
ion intensity actually increased when the discharge was excited, although the ion in- 
tensity of argon (used here as a monitoring gas) was unaltered. This observation cannot 
be explained by the production of 'A, molecules unless these have a much larger ionization 
cross section than normal oxygen. The ionization efficiency curves shown in Fig. 2 
indicate that this is not the case. 

Dissociation of molecules into atoms should cause a decrease in the O.* ion intensity. 
Recombination of atoms in the ion source might not be expected to cause an increase 
in O.* ion current above the value obtained for the undissociated gas. However, atoms 
will pass through the mass spectrometer leak faster than molecules, since the flow is 
largely non-viscous. Recombination in the ion source could then lead to a net increase in 
O;* ion intensity relative to the monitoring gas. 

An estimate can be made of the extent of atom recombination in the ion source. In 
a typical experiment at 0.53 mm. Hg pressure the O2* ion current increased from 6820 
(arbitrary units) to 7020 when the discharge was excited, the O* ion intensity increased 
from 201 to 217, while the At ion intensity remained constant at 404. The O* ion in- 
tensity due to O-atoms was therefore: 


217 — (7020/6820 X 201) = 10. 


According to the additivity principle of ionization cross sections proposed by Stevenson 
and Otvos (26), oxygen atoms should have half the ionization cross section of oxygen 
molecules. The atom concentration for this experiment, obtained by NO, titration, was 
6%. The ion intensity expected if no recombination had occurred in the ion source would 
then be: 

0.5 X (6820+ 201) X0.06 = 210. 


Thus, only 1 atom in 21 is ionized before recombining on the wall. This can be compared 
with LeGoff’s calculation (27) that a molecule experiences an average of 50 collisions 
with the walls of a Nier-type source before being ionized or removed by the pump. 


Recombination Coefficient of Oxygen Atoms 

If it is assumed that atoms recombine exclusively on the walls, the recombination 
coefficient of O-atoms could also be determined by the NO, titration technique. The 
NOs» was introduced successively at several positions along the tube connecting the 
discharge to the mass spectrometer leak. The Q-atom concentration could then be 
measured as a function of time. The recombination coefficient on pyrex was found to be 
1.1 X 10-4, which agrees with the value of 1.2 10-4 reported by Linnett and Marsden (1). 


Reactions of Activated Oxygen with Nitrogen Oxides 
N,O 


The NO was introduced through an inlet jet. No change in mass spectrum was observed 
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when the oxygen was activated. The largest ion currents in the mass spectrum of pure 
NO occur at mass numbers 28, 30, and 44. This made detection of the possible reaction 
products, N2 and NO, very difficult. Moreover, small changes in the parent peak were 
also difficult to measure, since the background CO,+ ion current changes when the 
oxygen is activated. The uncertainties in measuring these ion intensities were estimated 
to be about 5%. On this basis, an upper limit for the second-order rate constant for the 
reaction of N2O with O-atoms can be placed at 1X 108 cm.* mole sec.~. 
The rate constant for the reaction 


NO +O —2NO [3) 


must be several orders of magnitude less than this, since no chemiluminescence was 
detected from the subsequent reaction 


NO +0 — NO: + hy [4] 


for reaction times 100 times as long as those used in the mass spectrometer measurements. 
The limit of detection of the chemiluminescence is also many times lower than that of the 
mass spectrometer. 

This is in agreement with the results of Kaufman et al. (28), who studied the thermal 
decomposition of N.O and, by an indirect calculation, estimated kj = 1X10! e~15-500/RT 
cm.* mole sec.—!. Zelikoff and Aschenbrand (29) have proposed reaction [3] as an 
iniportant step in the photolysis of N.O at 1849 A and at 1470 A. This can only be 
reconciled with the present observations if oxygen atoms are present in excited states. 
This has recently been suggested by the same authors (30). 

NO and NO» 

Reaction times of 0.02 and 0.5 seconds were used with these reactants. The only 
reaction products detected when either of these oxides was reacted with activated 
oxygen was the other oxide. No ion current at mass 62, corresponding to NO;*, was ever 
observed. The ratio of NO to NO: was always high, regardless of the reactant or reaction 
time. This would indicate that reaction [1] is much faster than reaction [2]. However, if 
these were the only important reactions, the ratio [NO]/[NO2] would be expected to 
equal k,/k2 [M], and should be independent of initial reactant concentration. This was 
not found to be the case. For example, when NO» was used as the reactant, the ratio of 
concentrations increased from 34 to 460 as the initial NO» concentration was increased 
from 0.4 to 10%. Apparently other important reactions are also occurring. These reactions 
are being investigated in more detail. 
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THE REACTIONS OF DIMETHYL- AND TRIMETHYL-AMINES 
WITH ATOMIC HYDROGEN! 


Z. M. GeorGe, A. N. WriGuHT,? AND C. A. WINKLER 


ABSTRACT 


The reactions of hydrogen atoms with dimethyl- and trimethyl-amines produced mainly 
methane, together with relatively large quantities of ethane and small amounts of hydrogen 
cyanide. Dimethylamine was also a product of the trimethylamine reaction. 


The reactions of hydrogen atoms with dimethyl- and trimethyl-amines have never 
been directly investigated. It was of particular interest to determine whether these 
reactions, like the corresponding reactions of ethylenimine and N-methylethylenimine 
(1), and of methyl- and ethyl-amines (2), would yield hydrogen cyanide as a product. 


EXPERIMENTAL 


The apparatus and techniques employed were similar to those described in the earlier 
papers (1, 2) from this laboratory. The total pressure of atomic and molecular hydrogen 
in the reaction system was 0.80 mm., with a molecular hydrogen flow rate of 7.6 10° 
mole per second. The hydrogen atom concentration was 5.7% at 60° C., and 4.2% at 
275° C., as estimated from the amounts of reaction when ethyl chloride and hydrogen 
bromide were used as reactants at these temperatures (3). 


RESULTS AND DISCUSSION 


Figs. 1A and 2A show that both dimethyl- and trimethyl-amines react with hydrogen 
atoms to produce hydrogen cyanide. For both amines, the rates of production of hydrogen 
cyanide were linear at low flow rates of amine and increased with temperature, while at 
higher flow rates they passed through maxima beyond which they eventually decreased 
to zero. 

Analyses for products other than hydrogen cyanide were made for the reactions at 
60° C. The results are shown in Figs. 1 and 2, B and C. As with methylamine and ethyl- 
amine (2), free ammonia was recovered only when the total amount of base recovered 
exceeded the total amount of hydrogen cyanide, and conversely free hydrogen cyanide 
was recovered only when its amount exceeded the total recovery of base. A small amount 
of substance was recovered from the dimethylamine reaction which gave titration for 
neither base nor cyanide and defied infrared identification (cf. ref. (2)). 

The maximum amounts of dimethyl- and trimethyl-amines reacted were less than the 
estimated hydrogen atom concentration and the amounts of reaction decreased at higher 
amine flow rates. As in the methylamine reaction, methane was the main product of the 
reactions and its amount passed through a maximum with increase in flow rate of amines. 
The amount of ethane produced attained a constant value in both reactions at relatively 
high flow rates. 

The non-condensables, which consisted mainly of nitrogen and methane, were esti- 
mated mass spectrometrically for the dimethylamine reaction, and by gas chromatography 
(molecular sieve 5A, mesh 30-70, temperature 50° C.) for the trimethylamine reaction. 

'Manuscript received March 27, 1958. 
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At flow rates beyond which no hydrogen cyanide was formed, the trimethylamine— 
hydrogen atom reaction yielded some dimethylamine, as shown by chromatographic 
separation (silica gel column at 50°C.) of trimethylamine from mixtures of the con- 
densable products from which ethane and ammonia had been removed by distillation. 
The “recovered” trimethylamine was found to be approximately 35° dimethylamine. A 
series of experiments conducted with about 1% hydrogen atoms at very high flow rates 
of trimethylamine produced no liquid (4); the reactions appeared to follow the same 
course as with 5.7% hydrogen atem concentration. 

Mechanisms similar to those suggested previously for the reactions of hydrogen atoms 
with methyl- and ethyl-amines (2) may be postulated to explain the main features of 
the corresponding reactions with dimethyl- and trimethyl-amines. The primary process 
in both reactions is probably hydrogen atom abstraction, i.e. for dimethylamine, 


CHa, CHa. | 
/NH +H > >N + H: AH = —9 kcal. [la] 
CH;’ CH;” 
and 
CH; CHz 
SNH +H-— NH + He AH = —9 kcal. [1] 
I 3 CH,’ 
and for trimethylamine, 
CH; CHa ‘ 
CH; SN +H > SN—CH; +H, AH = —9kcal. [Ic] 


CH; CH,’ 
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The radicals formed in these reactions could react further with hydrogen atoms to form 
activated dimethylamine and trimethylamine molecules containing about 85 kcal. of 
excess energy, and these could dissociate 


CH; 
»NH* — CH; + CH;NH AH = —20 kcal. [2a] 
CH,” 
ch. 
>NH* — CH, + CH;N AH = —17 kcal. [2] 
CH; 
and 
CH; CHz 
CH; SN* — CH; + -N AH = —12 kcal. [2c] 
CH; CH;% 
CH;, 
CH; SN* — CH, + CH;—N—CH:2 AH = —11.9 kcal. [2d] 
CH;/ 


The dimethylamine radical formed in reaction [2c] could react with another hydrogen 
atom or a trimethylamine molecule to produce an activated dimethylamine molecule 
which could dissociate as in [2a| or [26], but might be deactivated by collision to appear 
as the dimethylamine observed in the products from the trimethylamine reaction. 
The CH3NH radical produced in [2a] could react further with hydrogen atoms to pro- 
duce activated methylamine (2), followed by its dissociation to yield CH;N radicals from 
which hydrogen cyanide might be formed as outlined previously, 

CH;N — HCN + He AH = —48 kcal. [3] 


The only plausible reason for a decrease in hydrogen cyanide production at high flow 
rates of dimethyl- and trimethyl-amine appears to be recombination of CH;N radicals, 
or their reaction to produce C2H¢. and No, before they suffer decomposition to hydrogen 
cyanide. 

Formation of methane as the main product of the reaction of hydrogen atoms with 
dimethyl- and trimethyl-amines is readily explained by reaction of methyl radicals 
with hydrogen atoms and hydrogen abstraction from the amines by methyl radicals. 
The decrease and final levelling out of methane production at high flow rates of trimethy1- 
amine might be attributed to the replacement of methyl radical — hydrogen atom reaction 
by the slower abstraction reactions and increased recombination of methyl radicals to 
form ethane, as the supply of hydrogen atoms is depleted by increased extents of the 
primary reactions. The apparent decrease in the amount of amine reacted at higher flow 
rates of amines could be attributed to the stabilization by collision of the activated 
amines which otherwise decompose by reactions [2a] to [2d]. 
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PREDICTION OF SOME THERMODYNAMIC PROPERTIES 
EMPLOYING THE ISOELECTRONIC PRINCIPLE! 


P. SMITH AND C. N. R. Rao 


ABSTRACT 
An empirical method for predicting standard enthalpies and free energies of formation of 
isoelectronic molecules bearing in turn the groupings —F, —OH, —NH2, and —CH; is pro- 
posed and used. It appears to be accurate to about +10 kcal. mole or better depending on the 
procedure employed. 





INTRODUCTION 

There have been a number of useful empirical correlations between the different 
properties of bonds in similar molecules (1, 2, 3, 4, 5). Similar to these are the regular 
trends noticed in the case of the thermodynamic properties of related substances (6, 7, 8). 
The present paper gives a method whereby thermodynamic trends have been applied 
in predicting some thermodynamic quantities. Of particular interest was the prediction 
of the thermodynamic properties of the hypothetical substance H2O;3, a postulated 
product (9) when dissociated water vapor is condensed at low temperatures. 


BASIS OF THE METHOD 


It is to be expected that regularities in thermodynamic quantities would be particularly 
evident between molecules of similar electronic structure, in harmony with the corre- 
sponding correlations of other molecular properties with electronic structure for isoelec- 
tronic molecules (10). In view of the comparative plenty of thermodynamic data on 
sequences of isoelectronic molecules bearing in turn the isoelectronic groupings? —CHs, 
—NHp2, —OH, and —F attention here has been confined to them. The most convenient 
variable with which to relate these thermodynamic quantities’ proved to be the atomic 
number of the non-hydrogen atom in the —X group,? owing to the paucity of data 
on other possible parameters for the range of molecules covered. 

In general no smooth regularities are obtained if AH,° or AF,° values, for substances 
either in their standard states at 25° C. or as gases in their standard states at 25° C., 
are plotted against atomic number. To circumvent this difficulty these quantities were 
amended before use so as to relate to similar processes of formation from X2. For example, 
AH,° values for the HX sequence show no smooth trend with atomic number variation, 
but AH® values for the synthetic processes of the type 


}H2+4X2 = HX [1] 


do. To distinguish the value of AH®° for step [1] with all substances in their standard 
states at 25° C. from that with all substances as gases in their standard states at 25° C., 
the former is denoted by AH,°* and the latter by AH,°**. Similar notation is used for 
AF values. Fig. 1 illustrates the success achieved for this series. As might have been 


1Manuscript received May 5, 1958. 
Contribution from the Department of Chemistry, Purdue University, Lafayette, Indiana. Taken in part 


from a paper presented at a Symposium on Free Radicals: Recent Progress in Their Production and Identi- 
fication, Laval University, September 10 and 11, 1956. 


2These will be denoted by the general symbol —X. 

3All thermodynamic data used in this paper relate to 25° C. unless stated otherwise. All data are taken from 
the usual standard sources (11, 12) except for the values given in the Appendix and some of the values listed in 
Tables I and II for comparison purposes. 
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Fic. 1. AH° and AF°, in kcal. mole“, for the reaction, }H2 + 4X2 = HX asa function of X. O, AH;°* or 
AF"; A, Air” or Are. 


expected, the two sequences involving the all-gas-phase synthetic reaction, so reducing 
the effects of intermolecular forces, give the smoothest trends (which are the ones drawn). 
But the other two sets of points, relating to AH,°* and AF,°*, deviate from their corre- 
sponding all-gas-phase plots by no more than +5 kcal. mole, suggesting that AH,°* 
and AF,** plots might be adequate for the many other possible sequences where gas-phase 
data are often lacking. 

This conclusion is borne out by Fig. 2, which shows smooth trends in AH ,°* and AF,°* 
for the synthetic process 
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Fic. 2. AH° and AF®°, in kcal. mole™, for the reaction CsH_ + 3X2 = CsH; X + 3H2asa function of X. 


Figs. 3 and 4 indicate similar trends in AH,°* for a variety of different processes. The 
data in these last cases are not complete. For this same reason AF,°* plots are not even 
attempted. 
PREDICTIONS 
From Figs. 3 and 4 estimates of the unknown AH,° values may be made. These are 
given in Table I together with similarly predicted values taken from Fig. 5. All estimates 
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Fic. 3. AH?°, in kcal. mole, for the reaction E + X» = EX» as a function of X and E; 1, E = Cd; 2, 
E = Zn. AH*, in kcal. mole, for the reaction E + }X2 = EX; 1, E = Cs; 2, E = Na;3, E = Li; the points 
for KX and RbX, in both cases X being —NH2, —OH, and —F, are omitted because they lie between 
the corresponding Cs and Na points. 

Fic. 4. AH°, in kcal. mole™, for the reaction E + 13}X. = EX; as a function of X and E; 1,-E = B; 2, 
E = Al. AH’®, in kcal. mole, for the reaction E + X. = EX.;1, E = Mg; 2, E = Ba;3, E = Sr; 4, E = Ca. 


in Table I relate to the substances in their thermodynamically stable standard states 
at 25° C. and 1 atm. pressure. Table II lists further estimated AH,° values, taken from 


TABLE | 


ESTIMATES OF STANDARD ENTHALPIES OF FORMATION AT 25° C. 








AH;?, 








AH;’, kcal. mole! 
Compound? kcal. mole! (literature ) Reference 
LiCH; —17 _ — 
NaCH; —4 = = 
KCH; —4 — i 
RbCH; +1 = — 
CsCH; +1 — -- 
Mg(CH3;)> +24 — 
Mg(NH2)2 —56 — - 
Ca(CH3)e a-ha . 7 
Sr(CH3)> 0 —_ ee 
Ba(CHs3)> +12 - - 
B(NH2)s —82 — — 
Al(NH2)s3 —108 —- — 
ZnF 2 — 186 — 187.9° 11 
HCOF — 103 -- --- 
CH,COF —119 —104.4¢ 13 
CH,F —44 —59+2¢ 21 
(HO)2CO — 162 —167.0° 11 
CH;CH2COOH — 123 — 1224 14 
HOF —9 — — 
NH2F —5 - -- 





*Each in its thermodynamically stable state at 1 atm. pressure. 

>A. 

“(g) at 16° C.; —110.6 kcal. mole! for (1) at 16°C. (13). 

4Calculated from heat of combustion data given in the reference (14) as referring to 
18-20° C. 

*The uncertainty quoted is that given in the reference (21). 
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Fig. 5 and not presented in Table I, together with any related AF,° data that could 
be deduced by this method. All predictions in Table II refer to the substances in the 
gaseous state because they are derived from all-gas-phase plots. The trends in Figs. 3 
and 4 were taken as non-linear; those in Fig. 5 and Table II were less similar to one 
another and so were drawn as straight lines by the method of least squares. It is unlikely 
that the estimated values are uncertain by more than about +10 kcal. mole. This un- 


certainty limit is supported by the size of the trend irregularities present in Figs. 1 to 5. 














Ir 4 
O} “ 
° | 
Sb 
be Ss 
me 8 ba 
€ ~ 
i seen cee eee 
Fic. 5. AH°, in kcal. mole, for the reactions: 
:, >CoH¢ + Xe = XCH; 
2, 3NeH, + 3X2 = XNH2 
3, }H202 + 2X: = XOH 
4, CoH o(g) + $X2(g) = XC2H;3(g) + 3H2(g) 
5, 3Clo(g) + >Xo(g) = oe 
6, 40g) + X(g) = X20(g) 
, CH;COOH + 3X2 = CH;COX + 3H:0, 
8, HCHO + 3X2 = XCHO + 3H: 
9, CH;COOH + 3X2 = XCH2COOH + 3H: 
10, CO + X. = COX: as a function of X. 


TABLE II 


EsTIMATES OF STANDARD ENTHALPIES AND FREE ENERGIES OF FORMATION AT 25° C. 








Compound 


AH;?, 
kcal. mole 


AF?, 
kcal. mole 





NH:Cl(g) 
HOCKg) 
(NH:).0(g) 
(HO).0(¢) 
C.H sF(g ) 


0 
—29 
+9 
—35 
—50 


+29 
—246 
—40 





“A recent calculation (17) of the bond dissociation energy D°(HO—Cl) at 25° C. 


AH; HOCI(g) of —21+43 kcal. mole™! 
>Bray (18) has estimated AF ¢° H2O3(aq.) and AH;°o° K. H203(g) to be not greater than —10 and —17 


keal. mole! 


respectively. 


The method used is not clear. 


gives a value for 
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The agreement between the estimates by this method and the compared values given in 
Tables I and II is not against this assessment of the error. In the case of acety] fluoride 
the two values listed in Table I are 15 kcal. mole apart. This is probably, to some 
extent, because the normal boiling point of acetyl fluoride is only 4° C. below 25° C. 
(15); also the estimated value is obtained by extrapolation and not interpolation.‘ It 
is possible that the predicted data given in Table II are uncertain to only +5 kcal. mole, 
being derived from all-gas-phase plots which are also of small slope. 


DISCUSSION 


The trends observed in Figs. 1 to 5 appear nearly linear. The processes involved are 
of the types 


RH+3X2 = RX+4H,, [3] 
s4RR+3X2 = RX, [4] 
E+4X. = EX, [5] 


where RH and RR are compounds and E is an atom or a molecule. These are not all 
that are possible. For example, [3] added to [4], taking RR as He, gives 


RH+X,. = RX+HX. [6] 
The fact that AH° for the reaction 
7X2(g) = X-(g) [7] 


also shows a nearly linear trend (19), namely 42, 30+2, 26, and 18 kcal. mole! for methyl 
(11), amino (5), hydroxyl (11), and fluorine (20) respectively, implies, for example, that 
AH?® for the process 


RX(g) = R:(g)+X-(g), [8] 


namely D°(R—X), shows a similar variation with X, by virtue of the linear relation 
applying for [3]. This must also be so for the quantity (AH,° X-(g) —AH,° RX(g)) 
inasmuch as R: is fixed within a series. A difficulty in employing this type of dependence 
to estimate unknown values of AH,° and unknown bond dissociation energies is the un- 
certainty (5) in some of the values of AH,° X-(g). This could be avoided by using plots of 
AH,° values for one complete sequence, RX(g), versus that for another, incomplete 
sequence R’X(g). It is of course implied above that D°(R—X) versus D°(R’—X) plots 
should be nearly linear also, although such plots are generally less convenient to use 
than the AH,° RX, R’X correlations because the D° values often have to be calcu- 
lated from AH,° data. 

The fact that bond dissociation energies of isoelectronic bonds of the first row halogen- 
type radicals show nearly linear changes with atomic number can be appreciated 
qualitatively in terms of the similarity of bonding involved, as pointed out by others (19). 
A quantitative explanation is, so far, lacking, although the tentative, approximate 
formula treatment by Mulliken would appear to show promise (22). The approach 
used in Figs. 1 to 5 may be regarded as a limited extension to the empirical formula 
used by Pauling (23) for the value of AH,,° in. kilocalories for a compound in its standard 
state, containing my and mo atoms per molecule of nitrogen and oxygen respectively, 

4 At the time this method was first developed AH;¢° for liquid fluorobenzene was not known. Using the available 


data in Fig. 2 gave a predicted value of —38+é65 kcal. mole“ in agreement with the since reported (16) figure 
of —34.75+0.3 kcal. mole, now plotted in Fig. 2. 
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—AH,? = 23.06 Yo (x, —xp)?—55.1 ny —24.2 no, [9] 


where x, and xg are the electronegativities of atoms A and B making bond A—B in 
the compound and the summation is taken over all bonds. The present use of AH,°** 
or AH,°* values instead of the unamended AH,? data eliminates the myx and mo correction 
terms that allow for the multiple bond character of the bonds in Nz and Oz and, in case 
[3] for example, it follows that 


—AH,°** = 23.06[(xg —xx)?—(xXxR—Xn)’], [10] 


where xg and xx are the electronegativities, on the Pauling scale, for the atoms that 
make the R—X bond. Now xx varies linearly (23) with atomic number, being 2.5, 3.0, 
3.5, and 4.0 respectively for C, N, O, and F. This makes equation [10] predict trends of 
—AH,°**, or —AH,°*, with atomic number much more strongly parabolic than those 
observed. This difference is emphasized by the fact that, from [4] for example, 


AH,°** RX(g) = D°(R—X) —3[D°(R—R)+D°(X—X)] (11) 


shows a nearly linear dependence upon xx, whereas the simple Pauling definition of 
electronegativity assumes a linear dependence upon (xx—x,)?. However, the Pauling 
electronegativity values are based upon bond energy term data and not bond dissociation 
energies, so the discrepancy is not unexpected. 
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APPENDIX 
Table III lists thermodynamic data used that were not taken from standard com- 
pilations (11, 12). 


TABLE III 
THERMODYNAMIC DATA AT 25°C. NOT TAKEN FROM STANDARD COMPILATIONS (11, 12) 








AH’, AF;’, 








Compound kcal. mole! kcal. mole! Reference 
NsH.(g) +22.70 +37 .96 24 
H,0.(1) —44.85 —28.78 25 
H,0.(g) —32.52 —25.24 25 
C.sH,OH(c) —38.87 —11.38 26, 27 
C.H;NH,.(1) +7 .41 +35.59 27, 28 
C.H;F(1) —34.75 —16.51 16 
FCl(g) —13.4 = 20 
F,O(g) +7.6 +11.8 20 
COF »(g) — 146 — 29 


( CH; )oCO(1 ) —59 34 — 30 








HYDROGEN BONDING IN THE AMINE HYDROHALIDES 
I. GENERAL ASPECTS':? 


BERNADETTE CHENON*® AND C. SANDORFY 


ABSTRACT 


The infrared spectra of 17 amine hydrohalides have been measured in the solid state, in 
aqueous solutions, and in their conjugate amine. Their NH* stretching and scissoring bands 
are discussed 

The stretching bands of hydrogen-bonded aliphatic and aromatic amine hydrohalides fall 
into the same part of the spectrum. In the solid state, the hydrogen bonds are of type 
N*—H- - -X~. The aliphatic amine salts usually exhibit many sharp bands, while the aromatic 
amine salts have broad but composite bands. Tertiary amine salts show a hypsochromic 
shift in the order hydrochloride, hydrobromide, hy driodide; primary and secondary aliphatic 
amine salts show a slight bathochromic shift in the same order. Primary and secondary 
aromatic amine salts behave less regularly, although in most cases the shift is hy psochromic. 
These facts can be explained qualitatively by considering the charge distribution in the 
ionized amino groups and the contribution of electrostatic and delocalization effects to the 
energy of the hydrogen bonds. 

The anharmonicity of the potential surface which causes the appearance of strong combina- 
tion bands may lead to the broadening of bands or to many sharp bands. There is no paral- 
lelism in this latter case between shift and broadening of the bands. 

The assignment of a strong band which appears in many cases near 2000 cm.~' is discussed. 

The above-mentioned characteristic band shifting is absent in the spectra of aqueous 
solutions and it is concluded that in this case hydrogen bonding is not of the N+—H- - -X7 
but of the N*—H- - -O type. 


INTRODUCTION 


The problem of hydrogen bonding has been the subject of hundreds of publications 
since the notion was introduced by Moore and Winmill in 1912 (1) and since the funda- 
mental work of Bernal and Fowler in 1933 (2), and the field has been reviewed on several 
occasions (3, 4, 5, 6, 7). 

The most conspicuous changes in the infrared spectrum of a compound due to hydrogen 
bonding are the shift of the X—H stretching bands to lower wave numbers, their in- 
creased intensity, their remarkable broadness, and their splitting to two or more com- 
ponents in many cases. Recently a comprehensive interpretation of these phenomena 
was attempted by Bratoz and Hadi and we shall refer to their theory frequently below 
(8). 

The wave mechanical aspect of the hydrogen-bond problem was reviewed by Coulson 
(9), who considers electrostatic, delocalization, repulsion, and dispersion force contri- 
butions to the energy of the hydrogen bond. This article too will be taken as one of the 
bases of our discussion. 

Infrared spectra of amine salts exhibit all the main characteristics of spectra of 
hydrogen-bonded species to a large though varying degree. Electrostatic forces should 
be very strong in this case, since the proton donor and the proton acceptor are here both 
ions with net charges. Delocalization may also be an important factor, since the ionization 
potential of a halide ion is very low. As Lord and Merrifield have pointed out, the amine 
salts constitute a test case for every theory of hydrogen bonding (10). These authors as 
well as Rundle and Parasol (11) have already discussed a certain number of hydrohalide 
spectra. 

1Manuscript received April 14, 1958. 

Contribution from Département de Chimie, Université de Montréal, Montreal, Quebec. 

2Preliminary accounts of this work were given at the Annual Symposium on Molecular Spectroscopy, June 
1955, Columbus, Ohio, and at the Congress of “‘L’ Association Canadienne-Frangaise pour l’ Avancement des 


Sciences”, November 1955, Ottawa, Canada. ; : 
3 Present address: Institut du Radium, 11, rue Pierre Curie, Paris, France. 
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We have measured the infrared spectra of the hydrochlorides, hydrobromides, and 
hydriodides of 17 amines among which primary, secondary, and tertiary aromatic and 
aliphatic amines were represented. The spectra were measured in the solid state, in 
aqueous solution, and in the conjugate amine if the latter was a liquid. 


EXPERIMENTAL 
A. PREPARATION OF THE SUBSTANCES 


Hydrochlorides 

Hydrogen chloride gas was obtained by the action of sulphuric acid on dry sodium 
chloride. The gas was led through sulphuric acid and anhydrous calcium chloride and 
then into a solution of the amine in anhydrous ether. (One part by volume of amine 
in three parts of ether.) 


Hydrobromides 

Hydrogen bromide was obtained by the action of bromine on xylene. The gas was led 
through cold xylene and calcium sulphate .and then into a solution of the amine in 
anhydrous ether. 

Hydrochlorides and hydrobromides obtained by this method were filtered and washed 
with anhydrous ether. This was done in nitrogen atmosphere whenever the salt was 
hygroscopic. The products were recrystallized twice or three times from absolute alcohol 
by slow addition of anhydrous ether. 


Hydriodides 

Solutions of the amines in ether were extracted with 47% hydriodic acid in several 
successive operations. The latter was then evaporated under vacuum on a water bath. 
(This operation lasted at least two hours.) The product was washed several times in 
anhydrous ether, then dissolved in absolute alcohol, and recrystallized in the same way. 
as the’ hydrochlorides and hydrobromides. Hydriodides are much less hygroscopic 
than the two other salts. 

The preparation of the following compounds presented certain difficulties. 


N-Methyl-diphenylamine Hydrochloride 

The product was oily and crystallized by friction. This product was used although it 
was probably not of a high degree of purity. 

The hydrochloride and hydrobromide of V,\V-dimethylaniline were prepared at 0° C. 
Since they are very hygroscopic and somewhat unstable they were kept in a desiccator 
over potassium hydroxide and phosphorous pentoxide. 

If prepared by the general methods given above the hydrochloride and the hydro- 
bromide of tri-m-butylamine are non-recrystallizable oils. In order to prepare the hydro- 
chloride the gas was led through a third desiccant and the pure amine was used instead 
of a solution in ether. The white product, very hygroscopic, was recrystallized under 
nitrogen atmosphere. 

Pure ethylamine hydriodide was obtained from a commercial sample by heating it 
gently with potassium hydroxide bulbs. The gaseous amine was led into 47% hydriodic 
acid. 


B. MEASUREMENT OF THE SPECTRA 


The infrared spectra were measured on a Perkin-Elmer model 112 single beam double 
pass instrument with a sodium chloride prism. 
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The spectra were taken in three different media: in the solid state, in aqueous solution, 
and dissolved in the conjugate amine if the latter was a liquid. The cells were filled 
under nitrogen atmosphere whenever the compounds were hygroscopic. 

The spectra of the solids were taken in a perfluorinated paraffin oil manufactured by 
Hooker-Electrochemical Co. of Niagara Falls, N.Y., and labelled ‘‘fluorolube T-45’’. 
Hydrogen atoms in this oil are replaced by fluorine and chlorine in the proportion 3:1. 
Nujol was unsuitable because of the importance of the CH; and CH, absorption region 
for the present study. In many cases, however, the spectra were measured in both nujol 
and fluorocarbon oil and the bands not covered by the nujol bands did not show any 
noticeable change. We shall assume, therefore, that the influence of the halogenated 
mulling agent on the spectra is negligible. 

The KBr pellet technique was avoided, since under the pressure applied for preparing 
the pellets conditions for hydrogen bonding might change. 

Amine hydrohalides are usually extremely soluble in water. In the present case 
concentration was as high as 400 mg./ml., that is, about 1 to 3 mole/liter. The salts of 
diphenylamine are insoluble in water and those of N-methyl-diphenylamine undergo 
decomposition in water. 

With solutions of the salts in their amine the concentration was about 100 mg./ml., 
that is, of the order of 0.3 to 1 mole/liter. 

. The compounds not listed in Table III are either unstable or insufficiently soluble 
in their amine for the purpose of measuring their infrared spectra. 

In many cases, when a saturated solution of a salt in its amine was prepared, a solid 
smear resulted. In other cases such a smear was prepared by using the conjugate amine 
as a mulling agent. This gave very intense spectra and was used for the determination 
of the NH;*+ and NH? scissoring bands, which are often weak. 

We have not attempted at this stage to make quantitative measurements of intensity 
or extinction coefficients. 


RESULTS 
A. ALIPHATIC COMPOUNDS 


I. Spectra in the Solid State (Fluorocarbon Oil) 

Stretching bands due to NH» and NH groups between 3500 and 3100 cm. have 
completely disappeared. (Table I. Strong bands are indicated by the use of italics.) 

Stretching bands due to the protonated amino groups appear between 2800 and 2300 
cm.—! (first region). In addition, prominent bands appear in some salts near 2000 cm.~! 
(second region) and the scissoring bands are in the 1600-1500 cm.—' region (third region). 
We shall not be concerned in this paper with bands at lower frequencies. 

First Region 

Primary aliphatic amine hydrohalides (Figs.* 1, 2, 3, 4) give a series of usually well- 
separated, sharp, or medium broad bands in the first region. Their number varies between 
four and nine. In certain instances, notably tertiary butylamine and cyclohexylamine 
salts, these bands are remarkably sharp and well resolved. (Table I. Shoulders are not 
listed in the tables. Thus the number of bands is often higher than may appear from the 
tables. See the figures.) 

There are probably more bands which coincide with the CH; and CH: bands between 
3000 and 2800 cm.—! and which we cannot separate out in the spectra reported here. 


*The region occupied by the atmospheric CO: band is left empty on the figures. In Fig. 13, it is approximately 
subtracted from the spectrum. 
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Work is going on in this laboratory in order to measure these under higher resolution. 

There is, in general, a slight bathochromic shift in the order hydrochloride, hydro- 
bromide, hydriodide, the latter having the lowest frequency. The shift amounts to 10 
to 50 cm.~! but it could not be measured more accurately with the sodium chloride 
prism which was used. Band overlapping often makes it difficult to follow a band from 
one salt to another. The slight bathochromic shift in the above-mentioned order seems 
to be, however, the general rule. 

Secondary aliphatic amine hydrohalides show essentially the same phenomena as 
the primary ones, that is, many bands (perhaps somewhat less well-resolved) between 
2800 and 2400 cm.—! with a slight bathochromic shift from hydrochloride to hydro- 
bromide to hydriodide (Figs. 5 and 6). 

Tertiary aliphatic amine hydrohalides behave differently (Figs. 7 and 8). We find 
four to seven bands which are fairly well resolved in the case of triethylamine hydro- 
halides but less well resolved in tri-m-butylamine hydrohalides. Here there is a hypso- 
chromic effect in the order hydrochloride, hydrobromide, hydriodide, and the bands 
become sharper in the same order. The shift is about 150 cm.~! from one halide to the 
next in the series in the case of the tri-z-butylamine salts and about 80 cm. for triethyl- 
amine salts. (It is not easy to see from the tables the relation between the bands of one 
salt and another in the series when large shifts occur. Therefore we have marked by an 
asterisk the approximate ‘‘center of gravity” of the bands.) 

Second Region 

Most hydrohalides of primary amines have one or two strong bands between 2200 
_and 1800 cm.~'. These bands are strong and fairly sharp, their intensity diminishing 

from hydrochloride to hydrobromide to hydriodide. There is a pronounced bathochromic 
shift along the halide series in the same order, although in this region the shift is some- 
what greater than the corresponding shift for the bands of the first region, and amounts 
to 30-100 cm... 

In n-butylamine and sec-butylamine hydrohalides these bands are weak. 

The only band we find in this area for hydrohalides of secondary and tertiary amines 
is for piperidine, which has three weak bands in the second region. 

Third Region 

In this part of the spectrum where the scissoring bands are expected we find two 
bands for hydrohalides of primary amines near 1600 cm.—! and 1510 cm.—'. There is a 
regular bathochromic shift of 10 to 20 cm.—! in going from hydrochloride to hydro- 
bromide and from hydrobromide to hydriodide. 

Hydrohalides of secondary amines show one band near 1590 cm. with a shift in the 
same sense as for the primary amines, but greater in going from hydrobromide to 
hydriodide. 

There are bands in this area for some tertiary compounds but they are unlikely to 
be of similar origin. 


II. Spectra in Aqueous Solutions 
It is important to point out that there is practically no difference between the spectra 
of hydrochlorides, hydrobromides, and hydriodides in aqueous solution. There is some 
variation of frequency in the cases of ethylamine, piperidine, and tri-m-butylamine but 
it is irregular. In all other cases the three give virtually identical spectra (Table II). 
Because of the strong water absorption only the lower bands of the first region may be 
observed. They are somewhat broader than in the solid state but not very broad. These 
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TABLE II 
INFRARED SPECTRA OF AMINE HYDROHALIDES IN AQUEOUS SOLUTION 








HCl 2760 2630 
Ethylamine HBr 2750 2630 
HI 2770 2660 
n-Butylamine HCl 2710 2590 
HBr 2715 2580 
HI 2700 2575 
HCl 2765 2700 2585 
sec-Butylamine HBr 2760 2695 2585 
HI 2585 
HCl 2730 2600 
Isobutylamine HBr 2720 2610 
HI 2715 2615 
HCl 2770 2645 2545 
tert-Butylamine HBr 2760 2635 2540 
HI 2760 2635 2540 
HCl 2570 
Cyclohexylamine HBr 2565 
HI 2560 


% % % 
Sr Sr Gr 
WW *®W 
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Diethylamine HBr 2 
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Di-n-butylamine HBr 
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%© 
Sr Sr Sr Gr Sr Sy 
SSO# LCS 
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HCl 2560 2410 
Piperidine HBr 2570 2450 
HI 2570 2425 
HCl 2750 2530 
Triethylamine HBr 2750 2540 
HI 2755 2540 
HCl 2710 2570 
Tri-n-butylamine HBr 2690 2600 


HCl 2640 
Aniline HBr 2656 

HI 2655 

HCl 2750 2520 
N-Methylaniline HBr 2760 2520 

HI 277 2520 

HCl 2695 2640 2540 2485 
N,N-Dimethylaniline HBr 2710 2640 2540 2500 

HI 2710 2640 2540 2495 

HCl 2890 2836 2740 : 
Pyridine HBr 2899 28465 2730 

HI 2900 2730 





bands are always located above 2500 cm.~ (except for the bands for piperidine), that is, 
at higher frequencies than for the solids. 

There is a water absorption region at about 2125 cm.-' and this becomes stronger 
when the salts are dissolved in water so the latter may have a band there. 


III. Spectra of Amine Salts Dissolved in Their Amine (Table III) 

These solutions exhibit one or two fairly sharp and strong bands between 2700 and 
2450 cm.—'. In the case of the three primary amines the bands are at about the same place 
as in aqueous solution; in the case of di-m-butylamine amine they are closer to those 
in the solid. The slight bathochromic shift observed in solid becomes irregular. The 
bands are at about the same place with slight variations. None of the tertiary aliphatic 
amine salts is sufficiently soluble in its amine. 

There are bands, too, between 2100 and 2000 cm.—! but they are weak and broad. 

The other parts of these spectra cannot be used because of heavy amine absorption. 
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TABLE III 
INFRARED SPECTRA OF AMINE HYDROHALIDES DISSOLVED IN THEIR AMINE 








HCl 2750 2570 
n-Butylamine HBr 2775 2565 
HI 2770 2580 
HCl 2580 
sec-Butylamine HBr 2590 
HI 2600 
HCl 2750 2600 
Isobutylamine HBr 2750 2605 
HI 2760 2620 
HCl 2690 2570 2470 
Di-n-butylamine HBr 2570 2455 
HI 2580 2545 2430 
HCl 2850 2775 2610 
Aniline HBr 2880 2775 2620 
HI 2910 2775 2630 
HCl 2690 2600 2470 
N-Methylaniline HBr ‘ 2685 2600 2450 
HI 2680 2600 2425 
HCl 2290* 
Pyridine HBr 2440* 
HI 2610* 





IV. Spectra Taken as Solid Smears of the Salts in Their Amine (Table IV) 

There is a close resemblance between these spectra and the corresponding spectra 
of the pure salt in the solid phase. This resemblance includes the location of the bands 
and the significant hypsochromic shifts in the tertiary amine salts and other aromatic 
salts; however, the small bathochromic shift in primary and secondary aliphatic amine 
salts loses its regularity. 

This general similarity again shows that the fluorocarbon oil used as a mulling agent 
for the measure of the spectra in solid state has no significant effect on the spectra. 


B. AROMATIC COMPOUNDS 


I. Spectra in the Solid State 

First Region 

In the primary and secondary amine hydrohalides two broad bands are observed 
(Table I) (Figs. 9 and 10). These are in the same general part of the spectrum as the 
more numerous bands of the aliphatic compounds. It is, however, quite clear from the 
appearance of the bands that none of them is simple. On the contrary, a great number 
of peaks and inflections shows that they are composed of several bands superimposed. 

In the tertiary amine hydrohalides (Figs. 11, 12, 13) there is only one broad band 
which is quite clearly composite as well. This band shifts towards higher frequencies by 
about 100 to 200 cm.—! going from hydrochloride to hydrobromide to hydriodide; thus 
it moves in the same direction as the aliphatic tertiary amine salts. The broadness of the 
bands diminishes in the same order. 

The bathochromic shift described previously in the aliphatic primary and secondary 
amine hydrohalides in the series hydrochloride, hydrobromide, and hydriodide is not 
observed in the primary and secondary aromatic amine salts; there is instead a hypso- 
chromic shift. For aniline the shift is hypsochromic by about 40 cm. but only the band 
at higher frequency undergoes the shift. The hypsochromic effect is well pronounced in 
the case of diphenylamine salts (by about 100 cm.~' in each case) and there are other 
weaker bands around the main band. In the case of V-methylaniline the hypsochromic 
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Fic. 11. N,N-Dimethylaniline hydrochloride 
N,N-Dimethylaniline hydrobromide 
N,N-Dimethylaniline hydriodide 

Fic. 12, N-Methyl-diphenylamine hydrochloride 
N-Methy!-diphenylamine hydrobromide 
N-Methyl-diphenylamine hydriodide 
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Fic. 13. Pyridine hydrochloride a 
Pyridine hydrobromide — — - 
Pyridine hydriodide 


shift is large between hydrochloride and hydrobromide but negligible between hydro- 
bromide and hydriodide. There are weaker bands here too. 

The general tendency is thus for the hypsochromic shift with aromatic compounds. 

Second Region 

There are always weak overtone and combination bands between 2000 and 1600 cm.~! 
in the spectra of aromatic compounds (12) and it is necessary to distinguish from these 
the bands which are due to NH* absorption. 

Hydrochlorides of aniline and pyridine show two bands between 2100 and 2000 cm.~! 
which are stronger than bands in the same region of the respective amine. The three 
salts of diphenylamine give two bands whose intensity diminishes from hydrochloride 
to hydrobromide and from hydrobromide to hydriodide and which shift towards lower 
frequencies in the same order. 

The other compounds have no band in this region. 

Third Region 


Two well-known vibrations of the benzene nucleus appear at almost exactly the place 
where the NH;*+ and NHs* scissoring vibrations should be and thus the observation of 
the latter is difficult (Table I). 

Aniline hydrohalides have a band near 1565 cm. and another at 1518 cm.—'. Secondary 
amine hydrohalides have a band between 1580 and 1540 cm.—!. These bands all shift 
bathochromically in going from hydrochloride to hydrobromide to hydriodide. 

The tertiary amine salts have no band in this region. 
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II. Spectra of Aqueous Solutions 

Hydrohalides of aniline, .V-methylaniline, .V,.V-dimethylaniline, and pyridine are well 
soluble in water. The one band which can be observed is always higher than 2650 cm.', 
higher than in the solid, and higher also than the corresponding bands of the aliphatic 
compounds (Table IT). 


III. Spectra of Hydrohalides Dissolved in Their Amine 

Salts of aniline, V-methylaniline, and pyridine could be studied under these conditions. 
In the case of aniline the bands are 40 to 50 cm. higher than in the solid phase (Table 
III). The hypsochromic shift is slight in the case of the aniline salts, and also in the 
case of \-methylaniline salts but is quite pronounced in the pyridine salts. 


IV. Spectra of the Hydrohalides in Solid Smears in Their Amine (Table V) 

As is the case with the aliphatic amines under the same conditions, these spectra 
resemble those of the corresponding salts in the solid phase. The hypsochromic effect 
in the series hydrochloride to hydriodide is clearly observed for the tertiary compounds. 
However for aniline only the first band is hypsochromic and the second one is slightly 
bathochromic, for V-methylaniline the first band is stationary and the second is batho- 
chromic. 

The scissoring bands show a regular bathochromic shift. Heacock and Marion (13) 
have shown that the scissoring bands are of appreciable value for identification purposes 
and ‘they gave data for many amines, usually of more complicated structure. We have 
tabulated further data in Tables I, IV, and V. 


TABLE V 
INFRARED SPECTRA OF SOLID SMEARS OF AMINE HYDROHALIDES IN THEIR AMINE 








Aniline N-Methylaniline N, N-Dimethylaniline Pyridine 











HCl HBr HI HCl HBr HI HCl HBr HI HCl HBr HI 
bie 2880* 29 1 0 
2850* 2870* 2920* 2860 2875* 
2790 82745 8 2745 
* 2725 
2675* 2675 2670 2640 2650 2650 2640* 
2630 2630 2610* 
2625 2605 2590 
2590 2580 2570 2565 2525 2515 2540 2560 2530 
2510 2515* 2480 2460* 
2460 2455 
2385 2410 2450 2435 
~2360* 
2255 2240 
2085 
2010 
1568 1560 1552 1588 1563 1557 


1518 





DISCUSSION 
Number and Appearance of Bands 


There is a formal analogy between —CHs, CHa, and —>CH groups on one hand 


dj F 
and the —NHs3", SNH, —>NH?* groups on the other hand. 


CHs; groups have an antisymmetric and a symmetric stretching vibration, the former 
being degenerate. CH» groups have two non-degenerate stretching vibrations, and CH 
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groups have one (14). Consequently we might expect two stretching bands for NH;* or 
three if the C2, symmetry is diminished and the degeneracy removed. This removal of the 
degeneracy might be caused by lower symmetry of the crystal lattice. For NH.2* we expect 
two stretching bands and for NH* one. 

Unfortunately the free NH;*+, NH.*, and NH?* stretching frequencies are not known 
because of the difficulty of dissolving amine salts in non-polar solvents. Even if this were 
possible association by hydrogen bonding could still persist. Since the introduction of a 
positive charge distributed between the nitrogen and the hydrogens must weaken the 
N-H links we can estimate that these stretching frequencies would fall in the range 
3200-3000 cm.—'. In the solid state and in the very concentrated solutions all hydrogens 
should participate in hydrogen bonding except, perhaps, in a few cases of steric hindrance. 
This is actually what Donohue found by X-ray methods in the case of some complex 
amine salts (15). 

While for amines the shift due to hydrogen bonding amounts to less than 100 cm.~ 
(16, 17) for their hydrohalides the shift is several hundred wave numbers showing the 
strength of the hydrogen bonds formed by the latter. 

The main point is that we do not find three, two, or one bands, as expected on grounds 
of the above-mentioned formal analogy, but many more. Only in the case of some of the 
aromatic amine hydrohalides, such as the aniline and pyridine salts, does the rule seem 
to be followed; in these two compounds we find, respectively, two and one broad regions 
of absorption, each region, however, being composed of many bands. 

In general, in the amine hydrohalides examined, there is no direct relationship between 
the number of bands in the first region and the number of hydrogen atoms linked to the 
nitrogen. It is apparent furthermore that with the aromatic compounds the bands are 
usually broad, while with aliphatic compounds they are usually sharp. 

Although aromatic compounds give broad bands, multiple peaks and inflections 
reveal that they are composed of about as many component bands as we find for aliphatic 
compounds. 

Plumb and Hornig (18) investigated ammonium fluoride crystals by both infrared and 
X-ray methods at room and liquid-air temperatures. They reported that “the most 
striking features of the NH,4F spectrum are the sharp lines and the large number of 
bands, shoulders, and general spectral detail’’ in the spectrum, especially in the low 
temperature spectrum. Between 3300 and 2500 cm.~! they found 11 peaks. The NH «F 
molecule has a high symmetry, the true site symmetry being C;,, but as far as the 
ammonium ion and its nearest neighbors are concerned the arrangement is tetrahedral 
(Tq). Long range interactions or coupling between the various ammonium ions may 
lower the symmetry but these effects are probably small as the latter are separated by 
a heavy atom. Thus Plumb and Hornig conclude that most of the bands are combination 
bands. 

Amine hydrohalides may be regarded as substituted derivatives of ammonium salts. 
For most of them the symmetry in the crystal is probably lower and thus we might 
expect the degenerate stretching vibration to split in the case of primary amine salts. 
This, however, would not explain the many bands observed. 

The striking resemblance between the spectra taken in the solid phase and in a smear 
in the conjugate amine of the hydrohalide, where crystallization would be at most 
partial and where there would be a high degree of disorder, shows that the crystal 
structure has generally little to do with the appearance of a great number of bands in 
the NH* stretching region. It seems likely therefore, that most of these bands are 
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combinations. This is in accordance with observations and suggestions of Plumb and 
Hornig (18) and Bratoz and HadzZi (8). 

We have to answer, however, the following two questions: 

1. Why are the bands well separated for aliphatic amine salts and melted together for 
aromatic amine salts? 
2. What are the strong bands near 2000 cm.~! (second region) which appear in many cases? 

The broadness of the bands is probably the key problem of theories of hydrogen 
bonding. The first views on this subject were that it arises from the broadening of the 
energy levels by intermolecular interaction (5, 19). 

This early interpretation was later recognized as insufficient. Predissociation theories 
have been proposed by Stepanov (20, 21) and by Cannon (22). More recently it has 
been suggested (Lippincott and Schroeder (23) and Batuev (24)) that movement of the 
end atoms may constantly vary the potential under which the vibrations of the bonded 
hydrogen occur, and that this could be the cause of the broadening of the bands. 

The unusual anharmonicity of vibrations involving hydrogen bonding has been 
recognized for a long time. In particular, the pronounced anharmonicity of the bands of 
amine hydrohalides was pointed out by Lord and Merrifield (10). 

Bratoz and HadzZi (8) have made anharmonicity the central phenomenon in their 
attempt to interpret by a single theory all the characteristic properties of hydrogen 
bonds. According to them, intermolecular interactions would account for the moderate 
broadness of weakly bonded stretching bands and that of the bending bands, but to 
explain the large bathochromic shift and great broadness found with strong hydrogen 
bonds we must suppose that the part of the potential surface relevant to the stretching 
vibrations is highly anharmonic. This anharmonicity would account for the unusual 
strength of the combination bands. Bratoz and HadZi have shown, too, that the effect 
of the displacement of the two heavy end atoms is precisely to increase anharmonicity. 

In the present case there does not seem to be any reason to.believe that the displacement 
of the end atoms affects the band width differently in the aromatic and aliphatic cases. 

The fact that the absorption in the first region for aliphatic amine salts consists of a 
series of well-separated bands, while in the aromatic compounds the bands are broad 
and composite, may be connected with the availability and frequency of vibrations 
which combine with the NH?* stretching vibrations. The width of the individual bands 
may then be related to the extent of intermolecular interactions. We should like to point 
out that Stark effects acting on each ion due to the electric field created by the others 
must be an important factor here. 

It is generally believed that strong hydrogen bonds give large shifts and broad bands 
and that the two go together. Plumb and Hornig have pointed out (18), however, that 
this is not necessarily so, although it is usually the case. Our results show quite clearly 
that shift and broadness do not necessarily go together. Aromatics and aliphatics give 
bands in the same part of the spectrum but the former are broad and the latter sharp. 

We may conclude that pronounced anharmonicity, which gives unusual strength to 
combination bands, need not lead to very broad bands; it can lead also to a great number 
of sharp bands. This depends on the frequencies of the vibrations combining with the 
NH? stretching vibrations but also on the width of the individual bands. 

Thus we have to explain why, as seems to be the case, band broadening is greater in 
the case of aromatics than in the case of aliphatics. Intermolecular influences which are 
mainly responsible for it are unlikely to differ much between the two types. One reason 
may be the different charge distribution which would give more positive charge to a 
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hydrogen in the aromatic and tertiary cases (see the next section). Disordering in the 
crystal structure may be another reason for band broadening. 

If we suppose that the potential surface of a hydrogen bond has two minima (see 
text below) and if we consider the stretching vibration as the beginning of the dissociation 
of a bond followed by the formation of another, we can treat this vibration as a chemical 
reaction and speak of an activation energy corresponding to the maximum which separates 
the two minima. This maximum should be lower for aromatic derivatives because for 
them the increasing of the N—H distance is linked with a partial return to trigonal 
hybridization and coplanarity and thus to a relative gain of stability, hence in this 
situation the bond would be more sensitive to intermolecular influences. This argument 
may be valid even if there are not two pronounced minima in the potential surface 
but only one minimum and one point of inflection as is probably the case. As in a 
chemical reaction there is no direct relationship between activation energy and energy 
of a reaction, so in the case of hydrogen bonding broadness and shift may not be directly 
related even if both depend on the anharmonicity of the potential surface. 


Location of the Bands and Band Shifts 

As we saw in the previous paragraph the hydrogen-bonded NH* frequencies fall into 
the same general spectral area for both aromatic and aliphatic amine salts. This is some- 
what astonishing in view of the fact that aliphatic amines are strong basis and aromatic 
amines are weak basis. This is a fact we have to explain. Furthermore, as we have 
mentioned above, when we go from hydrochloride to hydrobromide to hydriodide we 
observe a significant hypsochromic shift for tertiary compounds, whether aliphatic or 
aromatic. For primary and secondary amine salts there is a somewhat less systematic 
hypsochromic shift for the aromatic compounds and a slight but systematic bathochromic 
shift for the aliphatic ones. 

The existence of these regular shifts is a proof that the hydrogen bonds are actually 
of the N+—H- - -X~ type. This applies to the solids and solutions and smears in the 
conjugate amines. 

There is, furthermore, the appearance of the strong band (or bands) near 2000 in the 
case of most aliphatic primary amine salts as well as those of piperidine and pyridine. 
This band was first described by Randall, Fuson, Fowler, and Dangl (25) in the case of 
amino-acids and amino-acid hydrochlorides, and it was mentioned also by Thompson, 
Nicholson, and Short (26). It was clear to these authors that this band must be related 
to the protonated amino groups. Its assignment remained, however, an open question. 

In addition to the difference in basicity between aliphatic and aromatic amines there 
is another simple fact we must take into account: in tertiary amine salts there are as 
many hydrogens as halide ions but in secondary and primary ones there are twice and 
three times as many, respectively. This fact may be useful especially in the absence of a 
knowledge of the crystal structure. It is very likely that with the secondary and primary 
amine hydrohalides more than one hydrogen is bonded to one halide ion. 

It is generally considered that the energy of a hydrogen band comes from four different 
sources: attractive electrostatic forces, delocalization energy, dispersion forces, and 
repulsion between the interpenetrating electron clouds. 

This fragmentation of the energy is of course somewhat artificial. The various con- 
tributions could correspond to the influence on the total energy of different fragments 
of the potential function which we find in the Hamiltonian for the system and do not 
represent separate physical phenomena. This language is, however, convenient for a 
discussion of hydrogen bonds. 
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For example, Lippincott and Schroeder (23, 27) and Finch and Lippincott (28) have 
shown that a satisfactory potential function for hydrogen-bonded systems can be set 
up by taking the sum of the above-mentioned contributions, and Coulson and Danielsson 
(29, 30) and Tsubomura (31) have introduced the notion of ionic and covalent character 
of hydrogen bonds. In his wave mechanical treatment of the O—H---O system 
Tsubomura considered the following five valence bond structures: 


A O—H---O 
B O- H*---O 
& O* H----O 
D O- H—O* 
E oO i of 


= 

Structures A, B, and C represent almost entirely the electrostatic effect. Structures 
D and E imply a charge transfer, thus a delocalization effect. Their weight, which is 
insignificant at large distance, increases rapidly (to as high as 11%) as the distance 
becomes shorter, as during a stretching vibration. Thus delocalization would explain a 
part of the energy of the hydrogen bond and a good part of the intensity of the related 
vibrational band. 

In the case of amine hydrohalides we may write the following set of structures in 
analogy with those of Tsubomura (X = Cl, Br, or I): 


A N*—H- - -X7 
B N  Ht---X7 
Cc N**+ H----X- 
D N H—X 
E ay a S&S 


lccesiatnal 

If we wish to consider this set of structures as a basis for a valence-bond calculation it 
is necessary that the nuclear skeleton and also the internuclear distances should be 
approximately the same. 

Here structures B and D would represent the free amine and the acid HX, if the 
H—X distance was allowed to readjust to its normal value. 

Let us assume that the distances are the same for all structures and that it is justified 
to make a qualitative valence-bond argument. 

Structure A has certainly by far the highest weight. With its two opposite charges it 
should imply a much stronger hydrogen bond than structure A in the case of the 
O—H- - -O system. 

If we wish to compare the hydrohalides of aliphatic and aromatic amines we, of course, 
have to consider the entire molecules, not only the N*—H- - -X~ portion. 

In the aromatic case the formation of the hydrohalide stabilizes the system but little 
because of the loss of the resonance energy due to conjugation between the approximately 
2p. lone pair of the nitrogen and the z-electrons of the benzene ring. The nitrogen which 
had approximately trigonal hybridization in the free amine will have approximately 
tetrahedral hybridization in the salt. Thus the energy of structure A will be relatively 
high. In the case of aliphatic amines there is no similar loss of resonance energy and 
structure A is relatively more stable. 

For the aromatic hydrohalides the energies of structures B and D are stabilized relative 
to the energy of structure A, since they do not involve a loss of resonance energy. 
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In the aliphatic compounds, on the other hand, this stabilization of B and D relative 
to A will not occur, so that B and D will contribute less to the wave function for the 
hydrogen-bonded species in the aliphatic case than in the aromatic case. 

To sum up, for the aliphatic amine salts structure A involves a stronger hydrogen bond 
and the latter is overwhelmingly electrostatic in character. Structures B and D are 
probably not negligible but much less important. For the aromatic salts, A involves a 
weaker hydrogen bond but resonance with B and D increases its stability so that the bonds 
are of about the same strength in both cases and the corresponding infrared NH* 
stretching bands are at about the same part of the spectrum. In the aromatic case 
appreciable delocalization should occur because of structure D. We have supposed 
in this argument that structure C is unimportant. Additional delocalization may arise 
because of structure E. 

The qualitative valence-bond argument given above may be stated in a more chemical 
manner. For the aliphatic amine hydrohalides, which are strong basis, the attachment 
of the proton to the nitrogen can be considered as complete and the positive charge 
centered on the nitrogen. Therefore structure A is a good approximate representation 
of the system. 

On the other hand, for aromatic amine salts, which arise from weak basis, the proton 
may not be firmly bound to the nitrogen and the positive charge may: be divided between 
the nitrogen and the hydrogen. This implies greater weight for B and D with more 
delocalization. 

We have now to explain the characteristic shifts from CI- to Br~ to I~ described in 
the previous section. 

Our reasoning with the use of structures A, B, and D applies strictly only to tertiary 
amine hydrohalides where there is one hydrogen for every halide ion. Structure B should 
be relatively more important for them, while for primary and secondary amine salts 
we must suppose that structure B is less important because the positive charge is dis- 
tributed among the nitrogen and three or two hydrogens. Now structure B should be 
more important in hydrochlorides than in hydrobromides and hydriodides, because 
HCI has a higher ionic character in its valence—bond description than HBr and HI (3). 
This would explain the large hypsochromic shift observed in this order with both aromatic 
and aliphatic tertiary amine hydrohalides. This tendency may be accentuated in some 
cases by steric effects. 

Since the order of electroaffinities for the halogens is (32) 


Cl 3.78 ev., 
Br 3.54 ev., 
I 3.24 ev., 


structure D, which implies delocalization, should be most important for hydriodides. 
Thus, whether we will observe a bathochromic or a hypsochromic shift in the series 
hydrochloride to hydriodide will depend upon the relative weights of structures B and 
D in the wave function. With tertiary amine hydrohalides we have a hypsochromic shift 
because structure B always has a weight which is appreciable and greater than D. This 
gives the strongest hydrogen bond with Cl-. With primary and secondary aromatic amine 
hydrohalides structure B is still important (as it does not involve a loss of resonance 
energy) but less so than for tertiary amine salts because the fraction of positive charge 
on one hydrogen will be less. Therefore we still usually obtain hypsochromic shifts, 
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although less systematically, because of the more comparable weights of B and D. With 
primary and secondary aliphatic amine hydrohalides structure A predominates, while 
B and D are less important than in the aromatic case. D is more important than B, since 
the fraction of positive charge on one hydrogen is very small. This gives a slight batho- 
chromic shift, the strongest hydrogen bond being formed with I-. 

As we have seen, the regularity of the slight bathochromic shift is lost in solution 
or smear in the conjugate amine. This is understandable too from the above argument, 
since the relative weights of structures B and D may be sensitive to environment. 


Assignment of the Band near 2000 cm.“ 

Our next problem is the assignment of the band in the 2000 cm. area. 

The following interpretations may be considered: 

1. An unusually strong combination band which is a sum of the scissoring frequency 
and a lower internal or lattice frequency. 

2. An unusually strong difference band between a stretching band and some low-lying 
frequency. 

3. One could argue that the antisymmetric and symmetric stretching vibrations may 
be very far apart, the band near 2000 cm.~'! corresponding to the latter. 

4. We could assume a double minimum potential surface and a resulting splitting 
of the stretching bands (8, 33, 34). 

There might be two reasons why the potential surface should exhibit two minima. 
The one would be a coupling of two (or three) vibrations where two (or three) hydrogen 
bonds end at the same halide ion. The other would be due to the fact that, as Plumb 
and Hornig (18) pointed out, there must be a point of relative stability when the hydrogen 
approaches the halide ion during the vibration, as this vibration can be considered the 
beginning of dissociation 

R—NH;*X- = NH; + HX, etc. 


The following facts are relevant. The band at 2000 cm.— always shifts bathochromically 
the hydriodides giving the lowest frequencies and the shift is about twice as large in 
most cases as for the upper bands. 

We do not find this band with tertiary amine hydrohalides. The only exception is 
pyridine. 

The band is most prominent in the spectra of aliphatic primary amines and it is 
interesting to note that it seems to be strong when the upper bands are well resolved, 
sharp bands. We find it too, however, in the spectra of piperidine, diphenylamine, pyridine, 
and aniline salts, but in piperidine salts it is much weaker. In pyridine and aniline 
it is absent or weak except for the hydrochloride. There may be some doubt whether 
in the latter cases the band is of the same origin. In diphenylamine salts the bands in 
this part of the spectrum are strong and behave like the corresponding bands in the 
case of the aliphatic primary amine salts. 

It is usually not a single band. One can distinguish shoulders on the band contour or 
find two or more bands. 

Now it is interesting that this band exhibits always downward shift in going from 
hydrochloride to hydriodide, even if the upper bands shift in the opposite direction as 
in the case of the diphenylamine salts. The scissoring bands behave in the same way. 
This would favor an interpretation of this band as an unusually strong combination of the 
scissoring band and a vibration which should have a frequency of about 400 cm.—. 
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Against this assignment is the fact that, as Bratoz and Hadzi have pointed out, the part 
of the potential surface involving the scissoring vibration is only moderately anharmonic. 
It is possible, however, that the lower frequency may be very anharmonic. This assign- 
ment is compatible with the fact that tertiary amine salts which do not have a scissoring 
band near 1600 cm.~' do not have the band near 2000 cm.—! either. In some of the 
aromatic cases (like pyridine or aniline) the supposed lower frequency may combine 
with benzene ring vibrations, which are always present in the same part of the spectrum, 
instead of with the NH.*+ or NH;°* scissoring vibration. 

The second interpretation (difference band) is more likely from the point of view of 
anharmonicity; however we must suppose again that the lower vibration is also very 
anharmonic if we hope to explain the fact that the band near 2000 cm.~! is usually much 
stronger than any of the higher bands. In the most typical cases, for instance that of 
tertiary butylamine and cyclohexylamine salts, the frequencies of the upper bands are 
nearly equidistant, the spacing being of the order of 100 cm.—'. Thus these would be 
difference bands between the “‘real”’ stretching frequency and the overtones of a vibration 
of frequency 100 cm.~', and the band near 2000 cm.—' would be a difference band between 
the former and some very anharmonic vibration of frequency 800-700 cm.—!. This in- 
terpretation offers no obvious reason for the absence of the band in the case of tertiary 
amine salts unless the lower vibration is linked to the presence of two or three hydrogens 
on the nitrogen atom, nor does it explain its characteristic shifting. 

The third interpretation, that the upper bands are the antisymmetrical stretching 
band and combination bands and that the band near 2000 cm.—! is the symmetrical 
stretching band, would explain the observed strength of the latter band, since it would 
now be a fundamental; however it seems unlikely in view of the large separation between 
the two fundamentals. This separation is very large with cumulative double-bond 
systems but these bear little resemblance to the present case. 

The general appearance of the spectra would indicate strongly an interpretation by a 
potential surface having two minima. The assumption of two minima because of the 
coupling of two of more N*—H vibrations through a common halide ion is very unlikely 
because of the large weight of the latter. The other reason for the two minima (see 4 
above) is more likely but this would not explain such a large splitting and it would also 
not explain either the absence of the band in the spectra of tertiary amine salts or the 
characteristic shifting of the band near 2000 cm.!. 

More work is clearly needed but in our opinion and at the present stage the first 
assignment, that is, a combination between the scissoring band and a very anharmonic 
band near 400 cm.—', seems to be the most likely. 


Aqueous Solutions 

The spectra taken in aqueous solutions give bands which have higher frequencies 
than those taken in solid phase. The difference amounts to about 50-100 cm.—! (Table 
II). The case of pyridine salts seems to be exceptional; the higher frequency band lies 
near 2400 cm.~! in solid and near 2850 cm.~' in aqueous solution and they are very broad 
in both media. 

It is even more important that in every case hydrochlorides, hydrobromides, and 
hydriodides have their bands at about the same place and we do not find the characteristic 
shifts found in other media. The slight variations observed in certain cases do not show 


any regularity. 
We conclude from this that in aqueous solutions the hydrogen bonds are no longer 
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of the N*—H- - -X~ type but of the N+—H- - -O type. The water molecules might form 

hydrogen bonds of this type or with the halide ions or between themselves, and we can 

imagine other more complicated cases in these very concentrated solutions. 
CONCLUSIONS 

The above discussion refers to the general features we observed. Almost every amine 
and its salts would deserve a special study and we hope to discuss some related special 
problems in a second publication. This applies in particular to certain observations on 
amine solutions of the hydrohalides. The following facts, however, seem to be well 
established. 

The location of the NH* stretching bands of the hydrogen-bonded amine hydrohalides 
at about the same part of the infrared spectrum for both aliphatic and aromatic molecules 
indicates that the energy of these hydrogen bonds comes mainly from electrostatic 
forces but that the charge distribution is different for the two categories and that de- 
localization makes a greater contribution to hydrogen bond energy in the case of the 
aromatic hydrohalides than in the case of the aliphatic hydrohalides. 

The same factors allow a consistent qualitative explanation of regular hypsochromic 
or bathochromic shifts in the series hydrochloride — hydrobromide — hydriodide and of 
differences observed in the shifting of primary, secondary, and tertiary amine salts. 

Our observations confirm the idea that the broadness of the bands is related to anhar- 
monicity but they show too that anharmonicity might lead to broad regions of absorption 
and toa series of sharp bands as well, and also that shift and broadness do not necessarily 
go together. 

Crystallographic studies would be highly desirable in order to supplement spectroscopic 
evidence related to the problem of hydrogen bonding in the case of amine hydrohalides. 
RESUME 

Les spectres infrarouges des sels halogénes de dix-sept amines ont été mesurés a l'état 
solide, en solution aqueuse et en solution a l’amine méme. Les vibrations de valence et de 
déformation des groupements NH;+, NH2*+, NH* ont été étudiées. 

Les vibrations de valence des sels des amines aliphatiques et aromatiques qui prennent 
part dans des associations par liaison hydrogéne se trouvent dans la méme partie du 
spectre. Les liaisons hydrogéne sont du type N*—H- - -X~. Les composés aliphatiques 
ont généralement plusieurs bandes minces tandis que les composés aromatiques possédent 
de vastes régions d’absorption composées de plusieurs bandes. Chez les sels des amines 
tertiaires les bandes se déplacent vers les ondes courtes dans l’ordre: chlorhydrate, 
bromhydrate, iodhydrate; chez les sels des amines aliphatiques primaires et secondaires 
les bandes se déplacent légerément vers les grandes ondes. Chez les sels des amines 
aromatiques primaires et secondaires on observe moins de régularité mais le déplacement 
s’effectue généralement vers les ondes courtes. Ces faits s’expliquent qualitativement au 
moins si l’on prend en considération la répartition des charges dans les groupements 
amino ionisés, et les contributions des effets électrostatique et de délocalisation a l’énergie 
des liaisons hydrogéne. 


L’anharmonicité de la surface de potentiel qui fait apparaitre des tons de combinaison 
forts peut conduire a |’élargissement des bandes ou a beaucoup de bandes minces. La 
grandeur du déplacement et |’élargissement des bandes ne vont pas toujours de pair ici. 

On discute l’attribution d’une bande forte qu'on trouve prés de 2000 cm.—! en beaucoup 
de cas. 
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Les déplacements caractéristiques observés en solide ne se reproduisent pas en solution 
aqueuse. On en conclut que 1a la liaison hydrogéne n’est pas du type N*—H- - -X~ mais 
du type N*—H-- -O. 
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THE POLAROGRAPHIC REDUCTION OF DIAZOTIZED AROMATIC AMINES* 


R. M. ELorson 


INTRODUCTION 

The polarographic activity of diazotized aromatic amines was first reported by Elofson 
and Mecherly (5), who made use of it in amperometric titrations. Later Elofson and 
co-workers (6) reported on the polarography of diazotized amines and employed their 
limiting currents for analytical purposes. By comparing the total wave height with that 
for hydroquinone, which should have a nearly identical diffusion coefficient, it was 
concluded that four electrons were involved in the over-all reduction. Further support 
for this conclusion was cited in the fact that phenylhydrazine is produced by electrolytic 
reduction of diazotized amines (8) at a mercury electrode. It was therefore concluded 
that the net reduction occurring at a dropping mercury electrode could be described by [1]. 


ArN,2* + 4H+ + 4e — ArNHNH,t+ [1] 


Almost simultaneously, Atkinson and co-workers (1) reported on the detailed polaro- 
graphic reduction of diazotized amines, finding that the reduction took place in two 
main steps, one at potentials below —0.3 volts vs. S.C.E. and a larger wave at more 
negative potentials. From the results of coulometric analyses performed at stirred 
mercury pool electrodes they concluded that only one electron was involved irrespective 
of whether reduction took place at the first or second plateau. No material other than 
phenylmercuric chloride and diphenylmercury could be isolated during the coulometric 
analysis. In a subsequent paper, Atkinson et al. (2) reported that two electrons were 
involved when coulometric analyses were performed at the second plateau. 

Kochi (7), in a later investigation, corroborated the results of Atkinson, although 
he did not specify the pH at which his measurements were made. 

In view of the above discrepancies and the difficulty in reconciling markedly different 
diffusion coefficients for diazonium ions and for hydroquinone, it was deemed desirable 
to reinvestigate this problem. 


EXPERIMENTAL 


The polarograms described in this paper were obtained with a Leeds and Northrup 
Electrochemograph, type E. A saturated calomel electrode was used as an anode. The 
temperature of the electrolysis cell was maintained at 0° C. to 2° C. At A = 60 cm. the 
capillary constants were m = 2.62 mg./sec. in air and t = 3.63 seconds at zero applied 
potential in 0.2 N HCI. 


RESULTS 
In their first paper, Elofson and Mecherly (5) noted that the lower wave was not 
proportional to concentration above about 4X10~* M. Some results of a detailed in- 
vestigation concerned with the effect of concentration of a diazotized amine in acid 
solution on its polarograms are illustrated in Figs. 1 and 2. It is evident that the total 


*Contribution No. 70 from the Research Council of Alberta, Edmonton, Alberta. Prepared for presentation 
at the Annual Conference of the Chemical Institute of Canada at Vancouver in June 1957. 
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current was proportional to the concentration to at least 2.8 X 10-* M. On the other hand, 
the limiting current for the first wave reaches a constant value at a diazotized amine 
concentration of above 1X10-? M. Very similar results were obtained in solutions 
buffered to pH 6. 

The data in Table I illustrate the effect of varying height of the mercury column 
on the limiting currents. It can be seen that while the total current is very nearly pro- 
portional to the square root of the height, the magnitude of the lower wave is directly 
proportional to the height. This observation and the fact that the lower wave reaches 
a constant value indicates that the first wave is an adsorption wave. The second is 
diffusion controlled (4, 9). 
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Fic. 1. Relation between total limiting current and concentration of p-anisidine diazo in 0.2 N hydro- 
chloric acid. 
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Fic. 2. Relation between limiting current for the first reduction wave and concentration of p-anisidine 
diazo in 0.2 N hydrochloric acid. 
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TABLE I 
LIMITING CURRENTS FOR p-ANISIDINE DIAZO FOR VARYING HEIGHTS OF MERCURY 
(Concentration, 2.4X10-4 M in 0.2 N HCl) 























Height of Limiting current First wave Total wave 
mercury, cm. First wave ya. Total wave ya. Height Square root of height 
28 0.38 1.76 0.068 1.66 
56 0.74 2.58 0.066 1.70 





In order to determine the value of ‘n’ in the electrode reaction, p-methoxybenzene- 
diazonium chloride (p-anisidine diazo) was selected because of its good thermal stability 
and low rate of coupling in side reactions (3). The work of McClure and Lowry (8) and 
Ruetschi and Trumpler (10) clearly indicated that only acidic solutions would actually 
yield hydrazines because of side reactions. Furthermore, the work of both of the above 
groups of workers showed that acidic solutions of benzenediazonium salts in the presence 
of mercury decompose to form mercuric salts according to [2]. 


ArNe Cl + Hg — ArHg Cl + No [2] 


Coulometric analyses with stirred mercury pools were found in agreement with 
Atkinson (1, 2) and Kochi (7) to yield mainly phenylmercuric salts with apparent 
values of ‘n’ less than one at either the first or second plateau. Both McClure and Lowry 
(8) and Ruetschi and Trumpler (10) found that rapid stirring was conducive to for- 
mation of phenylmercuric salts. 

Coulometric analyses were then carried out in an ice bath in a microcell of the design 
shown in Fig. 3. Thermal decomposition of the diazotized amine was found to be 
negligible during the time required for an electrolysis. A correction was applied for the 
amount of the diazotized amine with mercury at zero applied potential. 
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Fic. 3. Microcoulometer for controlled potential electrolyses of diazotized aromatic amines. 


At a cathodic potential of —0.55 volts on the first plateau, with 0.6 ml. of 0.001 M 
solution, ‘nz’ was, in agreement with the results of previous workers, found to be 1.0. 
At —1.1 volts on the second plateau, three analyses gave a mean value for ‘n’ equal to 
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4.1 with 0.6 ml. of 0.001 7 solution. The solutions electrolyzed at —1.1 volts gave 
positive tests for the hydrazine when treated with ammonium molybdate in 5°@ sulphuric 
acid: Positive tests for the hydrazine could not be obtained when the electrolyses were 
carried out with stirred pool electrodes. In more concentrated solutions, 0.005 M, the 
value of ‘n’ approximated four but it was difficult to obtain good measurements because 
the droplets would not coalesce and these droplets trapped an appreciable fraction of 
the cell solution. Nevertheless, confirmation of the high current efficiencies obtained by 
Ruetschi and Trumpler in large scale electrolyses was indicated. 
DISCUSSION 

The experiments described herein clearly support the claim that the over-all reaction 
of diazotized aromatic amines at a dropping mercury electrode involves a 4-electron 
reduction. The first wave in the polarographic reduction is due to an adsorption 
phenomenon which results from the 1l-electron reduction to a free radical (1, 2, 6) ac- 
cording to [3], which is evidently stabilized at the mercury electrode. 

ArN2* +e — ArNz. [3] 

This mechanism is also favored from the constitution of the tar isolated by Kochi (7). 
The stability of the adsorption complex is the principal factor which determines the 
potential at which the adsorption current occurs. It is therefore to be expected that the 
half-wave potentials for the first reduction waves of a number of diazotized aromatic 
amines would not correlate with electron densities in the usual way (7). It would seem 
desirable to correlate the half-wave potential with adsorptivities of the free radicals on 
the mercury electrode at various potentials. 
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ON THE DECOMPOSITION FLAME OF OZONE AT HIGH PRESSURE* 
R. SANDRI 


The theory of the decomposition flame in ozone—oxygen mixtures has been developed 
in an earlier paper of this series (1). In another paper (2), the author has shown that 
this theory can also be applied to high relative concentrations of ozone (up to 100%). 
The results were found in good agreement with measurements made by Lewis and Elbe 
(3) and by Streng and Grosse (4) at atmospheric pressure. 
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NOTES 1211 


In order to test further the validity of the formulae and to provide some assistance 
for experimental work, calculations have now been made predicting decomposition flame 
velocities at high pressures. 

The formulae which have been derived for the ozone flame velocity V» do not contain 
the pressure p but only the initial relative concentration of ozone y3o, the initial tem- 
perature 7»), and the flame temperature 7;. For mixtures containing up to 50°% ozone, 
7; is practically independent of » and consequently Vo is also independent of it. For 
higher values of y3o, however, the flame temperature becomes so high that dissociation 
of molecular oxygen into atomic oxygen in the “burned” gas begins to play an important 
role. Then, since higher pressure decreases the degree of dissociation, 7, and conse- 
quently V» increase appreciably with pressure. This increase is greater for higher initial 
temperature. 

Table I shows flame velocities in pure ozone, computed for various pressures and for 
initial temperatures of 195° K. (temperature of dry ice) and 300° K. The corresponding 
flame temperatures were calculated by thermodynamic methods, using the data of the 
N.B.S. Circulars C461 and C564. 


TABLE I 
DECOMPOSITION FLAME VELOCITIES IN PURE OZONE 








Initial temperature Ty) = 195° K. 


p (atmospheres) 1 2 5 10 100 
T; (° K.) 2648 2683 2723 2748 2784 
Vo (cm./sec.) 270* 282 295 304 317 

Initial temperature Ty = 300° K. 

p (atmospheres) 1 2 5 10 100 
cee gee Re 2678 2716 2761 2789 2834 
Vo (cm. /sec. ) 444* 464 488 504 529 





*Owing to improved accuracy of numerical computation, these values are slightly higher 
than those obtained in the earlier paper (2) of the author. 
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